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PREFACE 


M y tha^nts are due to Professor P. Deb7e for suggesting tlie plan 
of this book. In the presentation of the material, it has been con- 
sidered specially important not only to give the most important theo- 
retical principles in the domain of electrolytes, hut also to give the reader 
some idea of methods of experimental investigation and the reliable 
experimental results obtained. 

The matter has been arranged with a view to familiarizing the reader 
first with the historical development of the science of electrol5dies from 
an experimental point of view, neglecting all speculations, after which 
the possible theoretical explanations are discussed. The following review 
will serve as a guide to the contents of the hook. 

Faraday was the first to recognize the important part played hy 
ions in the behaviour of an electroljd^ie solution. Some introductory 
remarks about certain definitions and energy relations in salt solutions 
(chapter I) and a presentation of Planck's theory of ideal dilute solu- 
tions (chapter II) are followed by a treatment of Arrhenius’s theory 
(chapter III). This theory is, however, only valid for weak electrolytes, 
in which only a small proportion of the molecules are dissociated into 
ions. The behaviour of strong electrolytes, on the other hand, shows 
considerahle departures from Arrhenius’s theory, especially in the 
range of very dilute solutions. To aid in the interpretation of these 
anomalies, G. N. Lewis has developed an empirical thermodynamical 
theory of activities, which is thoroughly treated in chapter IV. The con- 
ductivity of strong electrolytes also exhibits anomalies which cannot he 
explained by Arrhenius’s theory (chapter Y). Earher attempts at a 
theoretical explanation of the anomalous behaviour of strong electro- 
lytes were bound to fail, since they did not take into account interionic 
action (chapter YI). 

Yan Laar, Bjerrunx, Milner, and recently Debye, laid special weight 
on the action of the ions on one another. The ideas of Milner and more 
especially of Debye made it possible to explain those properties of strong 
electrolytes which follow the square root law, at least in sufficiently di- 
lute solutions (chapters VII-X). It has in fact proved possible by means 
of the theory to predict new effects, such as the dependence of con- 
ductivity and dielectric constant upon frequency. Experimental work 
on these effects has been recently commenced (chapter IX). The 
characteristic behaviour of the viscosity of strong electrolytes, recently 
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discoTered in America, also fits well into the picture of the ionic atmo- 
sphere (chapter X). 

Eren to-day it is only ’with difficulty that the theory can be extended 
from the field of dilute solutions to embrace concentrated solutions. 
Such an extended theory must take into account the polarization, dis- 
persion, and repulsive forces between the ions, as well as the forces of 
interaction between the ions and the solvent molecules. The theoretical 
treatment of these eompKcated factors has so far been only partially 
successful. Various attempts to treat theoretically the properties of 
concentrated solutions are described shortly in chapter XI. The question 
of the true degree of dissociation of an electrolyte is closely connected 
with this problem, and a short section is therefore devoted to points 
connected with the optics of electrolytes and the detection of the un- 
dissociated part. In this connexion mention is made of the interesting 
attempts to study the structure of electrolyte solutions by means of 
the Raman effect. 

In the final chapter (cbapter XII) the statistical theories of R. H. 
Fowler and Kramers are developed. These theories show Debye’s 
theory to be a direct and logical consequence of statistical laws, at 
least in the field of sufficiently dilute solutions. 

The quantum mechanics of electrode processes, recently treated by 
R. W. Gurney are dealt with in an appendix by Professor B. H. 
Fowler. The field of reaction kinetics, in which particularly Br5nsted 
has achieved so much, has been omitted, since there exist already 
several treatises on the subject, e.g. by G. M. Schwab. The study of 
colloidal electrolytes is at present only in the first stages of development, 
and it was not thought advisable to deal with it here. 

I wish to take this opportunity of expressing my most sincere thanks 
to the Rockefeller Foundation for the award of research grants in 
Zurich, Leipzig, and Madison, Wise., U.S.A. In this way I not only had 
the privilege of continuing my work under the valuable guidance of 
Professor Debye, but also had the opportunity of personal discussion 
with many American scientists who have contributed largely to solving 
the problem of electrolytes, and have shown me the greatest kindness 
in placing numerous separata at my disposal. My thanks are also due 
to the Notgemeinschaft der deutschen Wissenschaft for a research grant 
which made it possible for me to continue my studies on electrolytes. 

I wish to thank Professor Wien (Jena) for a number of private com- 
munications. Especial thanks are due to nay colleague E. Hiickel 
(Stuttgart) for help in proof-reading and for much valuable advice. 
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Dr. Sack (Leipzig) and Dr. Enrbach (Leverkusen) have been most kind 
in assisting witb proof-reading. My colleague Herr Drucker (Leipzig) 
and Professors BrOnsted and Ejerrum have very kindly placed numerous 
separata at my disposal. Finally, I wish to express my thanks to the 
pubkshers S. Hirzel for their extensive co-operation. 

uxiVEBSiTT or H. FALKENHAGEN 

May 1932 


TRAISTSLATOR’S NOTE 

The present book is for the greater part a translation of the 1932 
German edition, but has been revised, in consultation with the author, to 
bring it into line with the experimental and theoretical advances of the 
last two years. New topics treated in the English edition include the 
extension of Bjerrum’s theory of ionic association hy Kraus and Fuoss, 
Onsager’s treatment of the dissociation field-effect, modern theoretical 
and practical work on transport numbers, and an appendix by Professor 
R. H. Fowler on the application of quantum mechanics to electrode 
processes. The references to the hterature have also been brought up to 
date as far as possible. 


OXFORD, 

J'uly 1934 


R. P. B. 
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INTRODUCTIOl^' 


r HE classical theory of electrolyte solutions is characterized by a 
complete neglect of the forces between tke ions, and thus corre- 
sponds to the theory of perfect gases. It is therefore not surprising that 
the theory was found to be incapable of describing the behaviour of 
electrolytes which are dissociated to a great extent. 

It is known that the Coulomb forces existing between ions in virtue 
of their electric charges are considerably greater than the intermole- 
cular forces usually met with, and fall off much more slowly with the 
distance. The problem thus arises of investigating the effect of these 
forces and devising methods which are suited to their special nature. 
Just as van der Waals^s theory of real gases involves no contradiction 
of the theory of perfect gases, the modem theory of electrolytes is not 
incompatible with the ideas of Arrhenius. It seeks only to introduce 
certain refinements which are necessary to explain the anomalies, just 
as it is necessary to take into account the ordinary intermolecular 
forces to obtain an equation of state fox gases which will make plausible 
the phenomena of the critical point and liq[uefaction. 

The special nature of interionic forces appears most clearly in the 
domain of very dilute solutions. It is just in this range that it has 
proved possible bo formulate certain characteristic laws such as the laws 
of Kohlrausch fox the conductivity and of G. N. Lewis for the activity, 
some of which were based solely upon experimental data long before the 
existence of any extension to the classical theory. It was found that 
the square root of the eoncentration was specially prominent bott in 
these laws and in many others relating to the properties of electrolyte 
solutions, and it was one of the first successes of the modern theory 
that it connected this special type of dependence directly with the 
inverse square law of the Coulomb forces. 

Apart from the formulation of such quantitative laws much insight 
has been gained from the qualitative picture of ionic distribution which 
is a necessary consequence of the existence of interionic forces. The ions 
in solution are not distributed completely at random. If we consider 
a given ion, the probability of finding an ion of the same sign in the 
neighbourhood of this ion is less than the probability of finding an ion 
of the opposite sign. This gives the mean charge distribution iu the 
solution a structure which bears some resemblance to the charge dis- 
tribution in a rock-salt crystal, and which gives rise to the characteristic 
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behaviour of the solution. Miner was the first to work out this idea 
clearly, and it is this structure which we now describe in berms of the 
ionic atmosphere, characterized by its spatial extension on the one hand, 
and its time of relaxation on the other. The most recent developments 
have taken place along these lines. The properties of the ionic atmo- 
sphere have provided an explanation of the dependence of conductivity 
upon field strength discovered by M. Wien. The same theory predicts 
that the conductivity should also depend upon the frequency, and this 
prediction has now been satisfactorily verified. 

The subject has thus reached a certain provisional stage of finality, 
though there are many questions yet to be answered, and their number 
is continually increasing. The time is certainly ripe for a presentation 
of modern electrolyte theory reviewed from a consistent standpoint, 
such as the present work provides. It is highly satisfactory that the 
considerable labour involved has been undertaken by such an expert 
as Talkenhagen, who has himself been a valuable contributor to the 
development of the theory. 


UBIPZIO, 


P. DEEYE 


May im, 1932 



I 

SOME INTRODUCTORY REMARICS ABOUT ELECTROLYTES 


1. Some Definitions: Electrolyte, Ions, Degree of Dissociation, 
Strong and Weak Electrolytes: Yery Dilute, Moderately 
Dilute, and Concentrated Solutions 

The chief token hy which an electrolyte is recognized, its electrical 
conductivity, w'as long ago traced to the transport of electrically charged 
matter. Salts, acids, and bases possess this special kind of conductmty. 
In 1832 Faradayf discoTered the law of electrolysis known by his name, 
according to which one gram-equivalent of any substance transports 
a fixed amount of electricity, 96,494 coulombs. This amotmt of electri- 
city, T, is called the electrochemical equivalent or the faraday, A current 
of 9*6494 amperes flowing for 10,000 seconds through any electrolyte 
will liberate 1-008 gm. of univalent hydrogen, gm. of divalent oxygen, 
107*88 gm. Ag, etc. All investigations have confirmed Faraday’s law 
with great accuracy and shown that the amount liberated is indepen- 
dent of the temperature, pressure, the concentration, the solvent, the 
presence of other electrol5d}es, and other factors. 

Hermann v. HelmholtzJ was the first, in his famous 1881 Faraday 
lecture, to explain Faraday’s law by the assumption of atoms of electricity 
bearing a simple numerical relation to the atoms or groups of atoms. 
Following Faraday, these charged atoms or groups of atoms are termed 
ions, and those ions which migrate in an electric field towards the 
cathode are called cations^ while those which move towards the anode 
are called anions. Electrolytic conductivity thus differs from metallic f 
conductivity, in that it is not the electrons hut the positive and negative 
ions which are responsible for the conduction. The ions are formed by 
the loss or gain of an election by the corresponding uncharged atoms or 
groups of atoms, and in an electric field they constitute the carriers of 
the electric current. 

f M- Famda^, Trans. 123 (1833), 379; 124 ( 1834), 481 ; Exjperimentalltesearches 
in JBlectricity, 3rd-5th and 6th-8th. series. Electrochemical Decomposition (1833 and 
1834) repuhlished in. Ostwald’s Klassiker, nos. 86 and 87. See also W. Ostwald, EleJctro- 
chemie, ihre Geschichte und Zehre, Leipzig, 1896 (Weit). 

t H. V. Helmholtz, Wied. Ann. 11 (1880), 737; Froc. Hoy. Soc. Edinb. 1880-1, p. 202. 
See also WissenscTiaJtliche Abhandlungen, vol. iii, p. 52 (Leipzig, 1805) and Vortrdge und 
Eeden, 5th edition, vol. ii, p. 249 (Braimschweig, 1903). Crotthus, Williamson, and more 
especially Clausius and Hittorf had mentioned the idea of the existence of free ioiio heforo 
V. Helmholtz. For further historical details see the hook by M. BoloU, Die Theorie der 
elehtrolytischen Dissoziation (Springer, Berlin, 1902). 
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2 SOME INTRODtJCTOEY BEMARKS [§ i 

The valency of an ion is determined by the number of electrons it has 
gained or lost. These electrons are termed valency electrons, and always 
come from the outer part of the atom. A divalent cadmium ion is thus 
a cadmium atom which has lost two electrons, and a sulphate ion is an 
atomic complex SO 4 with two extra electrons. The classical work of 
Eittorff was the first occasion on which the nature of the ions into 
which a molectile dissociates was deduced from the concentration 
changes caused hy electrolysis, which are due to the different velocities 
of migration of the different ions. A CdSO^ solution is termed a bimry 
electrolyte since one molecule dissociates into two ions, Cd‘^+' and SO 4 , 
BaClg is a ternary electrolyte, since one molecule dissociates into one 
Ba++ ion and two Cl"' ions. LaCl^ is an example of a quaternary electro- 
lyte, giving one La++'^ ion and three Cl“ ions. % Each of the above electro- 
lytes is a simple electrolyte, hut mixtures of electrolytes are often met with. 

In 1876 Kohlrausch formulated the law that the conductivity of a 
number of simple electrolytes can be expressed as the sum of two 
quantities, each characteristic of one of the component ions. This law 
was named by him the law of independent migration of ions. It is strange 
that this discovery did not lead directly to the ionic theory. 

Svante Arxheniusg was the first to propose and demonstrate that the 
molecules of an electrolyte are dissociated to a certain extent into free 
ions even when no external field is acting on them. He was led to this 
conclusion by van’t Hoff’s theory of solution and his own extensive 
researches on the conductivity of electrolytic solutions. Berzelius 
thought that the electric current tore the molecules apart, and thus 
caused the polarity of the two groups of ions. If this were so, no current 
would flow through the electrolyte below a certain limiting voltage, and 
when the voltage reached this limit, a current would suddenly start, 
which is in complete contradiction to experiment. Even with the 
smallest applied e.m.f., the current flowing through the electrolyte 
obeys Ohm s law. ClausiusH was the first to point out this discrepancy 

t W.Hittorf, Pogg. Ann. 89 (1853); 117-211 ; 98 (1856), 1; 103 (1858), 1; 106 (185!)), 
337, 513; Z.J. pJigs. Ghent,. 39 (1901), 612; 43 (1903), 49. See also Ostwald’s Klassiker, 
nos. 21 and 22, Leipzig, 1891. Fox further references to work on transport numbers, see 
N'ote 1, p. 10. 

t Mauy electrolytes, especially acids and salts of the higher types, exhibit a more com- 
plicafeed dissociation into intermediate ’ions. Such, behauvionr is termed ‘stepwise dissocia- 
tion’. For references to the Uteratoe, see especially the books of Taylor aad JellineJk 
quoted in Note I, p. 10. 

h Bvemh. Akad. Eandl. 8 (1884), nos. 13 and 14; Z. phys. Ohem. 

1 (1887), 631- 

II B. aatisius, Pogg. Ann. 101 (1867), 338. Similar ideas had teen expressed by 
Grottlms m 1806, though not so clearly. See Th. v. Grotthus, Ann. chim. 58 ( 1806), 54. 
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iDet'W'een the older ideas and experiment, and also to propose the hypo- 
thesis of the electrolytic dissooiation of molecules. Clansins helieyed, 
howeyer, that ions occurred only rarely in solution, hy far the greater 
part of the salt being present as iindissociated molecules. This idea of 
Clansins is q[iiite incorrect. 

The great service performed by Arrhenius lies in the fact that he 
placed the Dissociation Theory on a sound basis, and thereby made 
possible the suhseq[nent widespread development which has been of 
such importance for physical chemistry. 

The dissociation theory gave the first exact definition of acids and 
bases. It was known previonsly that H and OH were the significant 
groups, but this gave no real understanding of the nature of acids and 
bases, since many compounds were known which contained H or OH 
without possessing an acidic or basic character. The dissociation theory 
was the fxst to show that ir+ or OH“ must be present in solution in 
order to give rise to acidic or basic properties respectively. 

rhis definition of acids and tases is only valid for aqueoiis solutions. Tims 
aniline, for example, exHbits basic properties in non-aqueous solutions in which 
there is no possibility of the formation of OH“ ions, and a solution of ammonia in 
ether behaves in many ways just like an aqueous solution of HHg, although it 
contains no OH“ ions, further, the ion (i.e. the proton) cannot exist as such 
in any solvent. Thus in aqueous solution the H3O+ ion is formed, and is commonly 
termed the hydrogen ion. In ethyl alcohol the CgHgOH^ ion acts as the hydro* 
gen ion. 

B rousted has devoted himself specially to this question in some recent papers, 
and has given a definition of the acid-base function which is valid independent of 
the solvent and is more generally applicable than that of Arrhenius. Bronsted 
inquires whether the classical theory really does express the fundamental nature 
of acids and bases. He proposes instead the following definition as being uni- 
versally characteristic of acids and bases: 

A ^ B -I-H+. 

Acid Base 

This scheme shows clearly how the interrelation between acids and bases depends 
on the unique nature of the proton. According to Bronsted, an acid is a substance 
having a tendency to split off a proton, and a base is a substance having a ten- 
dency to take up a proton. The above equation does not, however, represent 
a stoichiometric process actually taking place, since the proton cannot exist in 
a free state. B can only be completely transformed into A in the presence of a 
third molecule whicli can give up the proton, and is therefore an acid. 

Similarly, A can only be completely converted into B in the presence of a basic 
molecule which takes up the proton liberated- The reaction of an acid with a base 
takes place according to the equation. 

dj -f- Hg ^ A^ -j- Bi 
(Acid 1) (Base 2) (Acid 2) (Base 1) 

If the acid is acetic acid, the corresponding base is the negatively charged acetate 
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ion, according to the equation 

CH3COOH ^ CH3COO- +H+. 

(Acid) (Base) 

When acetic acid is dissolved in water, the process of ionizatioa is represented by 

the scheme, CEgCOOH-h H^O ^ CH 3 COO- + HsOt. 

(Acid 1) (Ease 2) (Basel) (Acid 2) 

If the base is ammonia, the corfesponding acid is the positively charged ammonium 

ion, according to ^ 3 srH 34 H+, 

(Acid) (Base) 

and the process taking place on dissolving the Ease Mils in water is given by 

mi, H- ^ NH+ -h OH-. 

(Base 1) (Acid 2) (Acid 1) (Base 2) 

It appears from these considerations that it is only in aqueous solution that the 
‘hydrogen ion’ H80+ and the hydroxyl ion OH“ are of special significance for the 
theory of acids and bases - 

We have retained Arrhenius’s theory in the following treatment, since the ther- 
modynamic reasoning involved remains unaffected by Bronsted’s modification. 

In considering kinetic phenomena such as hydrogen ion and hydroxyl ion cataly- 
sis, Bronsted’s theory necessitates certain changes which we shall briefly mention 
here. It is well known that certain chemical reactions are catalysed by hydrogen 
ions and hydroxyl ions, such reactions being in fact often used to determine the 
concentration of H+ ion or OH" ion. If it is remembered, however, that the HgO^" 
ion is only one of many acids and does not occupy any unique position, it is not 
to he expected that it will prove unique in its catalytic powers. Such reactions 
must also be catalysed by any other acids present in the solution. Similar remarks 
apply to hydroxyl ion catalysis. On these grounds Brdnsted has developed an 
extended theory of acid and basic catalysis in which the tendency to lose or gain 
a proton is shown to be the factor governing catalytic properties. For references, 
see 2 , p. 11 . 

Salts can he considered as compounds which form ions other than 11+ 
and OH-. It is an aid to the extension of onr ideas on electrolytes to 
introduce the degree oj dissociation as a measure of the dissociation of the 
molecules. The degree of dissociation is defined as the ratio of the 
mimber of raolecnles dissociated to the total number of molecules 
present in the solution. Strong electrolytes are those which axe much 
more than half dissociated even at high concentrations. WeaJc electro- 
lytes are those which have a degree of dissociation very much less than 
unity. A survey of some of the important groups of electrolytes is 
given in the following paragraph. -j* 

t Tho con'veutional classification of th© strength of electrolytes is based iiperi the order 
of magnitude of tlie mass law constant Kiy (cf. p. 32). If Ky > 1, the electro ly to is 
strong, if K.^ <z 10 -2, it is weak. Electrolytes of medium strength correspond roughly to 
10-2 > Ky > 1, and very weak ones to Ky 10-'^. See e.g. the section by B. Ebert in 
Bandh, d. BxperimentalphysiK vol. xii, part 1, p. 85, 1932. We may mention in passing 
two groups^ of electrolytes which differ from ordinary electrolytes in many of their 
properties, i.e. psendo- electrolytes and amphoteric electrolytes. According to Hantzsch, a 
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Tlie strong electrolytes include most salts dissolved in -water, mclnding ammo- 
ninm and substit-uted ammordnm salts. Among the exceptions are the halides of 
mercury, eadminm, tin, and antimony. Other strong electrolytes are the strong 
acids HCl, HBr, HI, HNTOs, HCIO^, H^SO^, and all sulphonic acids. II2SO4 
and HgF 2 are, however, dissociated less than those preceding them in the list. 
Strong bases (hydroxyl compounds) include the quaternary substituted amine 
bases, while ammonia and the primary, secondary, and tertiary substituted amine 
bases are -weals; electrolytes. The weak electrolytes also comprise ammonia, the 
majority of organic acids, many organic bases, and many inorganic acids and 
bases as well as the hydroxides of divalent and trivalent metals (-with the excep- 
tion of mercury, eadminm, and zinc). Examples of the weak salts mentioned above 
are CdClg, CdBra, Cdlg, HgClg, Hg{CN)2, Fe(C]SrS)3, FeFg, (CH3COO)3Fe, etc. The 
phenols, the alcohols, aniline, and water are extremely weak electrolytes. 

Since the degree of dissociation depends very much on the concentra- 
tion, there are naturally many iatermediate types between the strong 
and weak electrolytes, which only represent extreme cases. Thus we 
may class as intermediate the salts of the heavy metals and the strongest 
carboxylic acids, snch as citric, tartaric, oxaKc, and formic acids and 
many halogen and nitro-carhoxylic acids. As examples of extremely 
weak electrolytes we may mention the acids hydrogen sulphide, sihcic 
acid, boric acid; the bases aniline, pyridine, etc.; and water. The 
following point is of importance in this connexion. The class to which 
an electrolyte belongs is not determined by the electrolyte alone, hut 
by its hehavionr in solution. Thus a salt may very well be a strong 
electrolyte in water, but a weak electrolyte in acetone, and extremely 
weak in benzene. This depends to some extent on the fact that the 
dielectric constant of water (ahout 80) is much greater than those of 
acetone (21) and benzene (2-3), so that the Coulomb forces between 
the ions in water are correspondingly smaller than in acetone and 
benzene. The dissociating power of water is much greater than that of 
acetone or benzene, as was first pointed out by Nernst and Thomson. J 

pseudo -electrolyte is one which only exhibits acid or basic character after being trans- 
formed to an ionizable form, or after reaction -wnth the solvent. An amphoteric electro- 
lyte is one which can split off either a Ht- ion or an OH“ ion. If both these ions are split 
off simultaneously, the resulting ion is known as a 'zwitterion* , W© shall exclude these 
special classes of electrolytes from the following discussioxi, and only mention that an 
electrostatic theory of the ‘zwitterion’ has been given by G. Scatchard and J. Gl. Kirk- 
wood (Phys. 2. 33 (1932), 297). For further information see A. Thiel, Bamml. cJiem. n. 
chem.-techn. Vortrdge, 16 (1911), 30-7; H. Xundeii, ibid. 29 (1927), 265. See also L. 
Michaelis, Die Wasserstqffionkonzentrcitiony 2nd edition, part I, p. 59, Berlin, 1922, and 
appropriate text-hooks of chemistry, especially W.Nernst, 'FheoretischeCheniie, 8th— 10th 
edition, p. 440, and 31 . S. Taylor, A Treatise on Physical Chemistry^ 2nd edition, vol. i, 
p. 700, 1931. 

•f- See p. 202 in this book ; also a review of the dissociation of strong electrolytes in non- 
aqueous solutions by R. Schingnitz, Elektrochern, 36 (1930), 861. 

$ W. Nernst, Oott. Nadir. (1893), no. 12; Z. J. phys. Chem. 13 (1894), 531 ; Z. J. 
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P. Waldenf lias succeeded in conftrming tie KSTemst-Tiomson xule very 
elegantly, e.g. for tie salt N(C 2 H 5 ) 4 l,, wiici dissolves fairly readily in 
a niimbex of solvents, ie found a certain relation betv'eea dissociation 
and dielectric constant, tiougi tie paxalleism is not complete on ac- 
count of other specific influences, suci as tie formation of complex 
ions or the association of the ions with solvent molecules. 

The definition of degrees of dilution is also closely connected with 
considerations of this Mnd. A solution is termed infinitely dilute or 
ideally dilute when tie attractive and repulsive forces between the ions 
have no appreciable effect upon the properties of the solution, and the 
interaction between an ion and the molecules of tie solvent is not 
appreciably affected by tie presence of the other ions. If these effects 
are present but only to a small extent, DrnckerJ proposes to term the 
solutions moderately while in GonceTitrated solntions the effects 

are very large. In the latter ease the interaction between tie ions and 
the solvent molecules are of importance. Tie actual magnitudes of the 
concentrations corresponding to these classes again depend very much 
on tie solvent. Thus a solution containing 0*01 gram-molecules per 
itre would he termed very dilute in water, while it would be hardly 
dilute at all in acetone and very concentrated in benzene, corresponding 
to the Nernst-Tiomson rule for tie effect of the dielectric constant. 

Before continuing with the main plan of tie present work, we shall 
give a second introductory paragraph dealing with the energy relations 
involved in tie solution of salts, as treated by Haber and Fajans. 

2. Energy Relations of Infinitely Dilute Salt Solutions 

We shall now consider the problem of how a salt solution actually 
comes into existence. § When a small crystal of common salt is placed 
in water, tie ions of tie salt act upon the water molecules, each ion tend- 
ing to hecome surrounded by a sheath of water molecules. P. Debye|| 
has shown that tie water molecule is a dipole. Although we know very 

Elehtfochem, 8 (1902), 484. J. J. 'Xhoiaaon’s paper on the sam© subject appeared almost 
simultaneously; Fhil. Mag. 36 (1893), 320. 

t P. Walden, Z.f.phys. Chem. 54 (1905), 228; 55 (1906), 683; 94 (1920), 263. Por 
further literature see P. Walden, Z.f. ^phys. Chem. A, 147 ( 1930), 1, and p. 80 of this book. 

t K. Drucker calls an electrolyte solution moderately dilute when the ions exhibit 
departures from ideal behaviour, but the concentration of the solvent is effectively con- 
stant. See K. Drucker, Die AnoTtialie der starken JSlektrolyte, Stuttgart, 1906. 

§ The matter is considerably more complicated in the case of acids and bases. See 
especially K. Fajans, Naturwiss. 9 (1921), 729; also H. Gr. G-rimm in Greiger-Scheera 
JSandhmh d. Fhyeik, X3dv, p. 550. 

11 Se© P . Debye’s recent monograph on this subject : Folare Moleheln. S. Hirzel, Leipzig, 
1929. 
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little alout tte structure of highly associated liquids like water, it seems 
reasonable to assume that the water dipole is attracted and oriented bj 
the field of the ion. The interaction between the ion and the dipole 
will be greater the smaller the distance between them, and the orienting 
influence of the ion will increase with increasing charge and decreasing 
radius. Fajansf takes the heat of hydration of gaseous ions as a (quantita- 
tive measure of the action of the ions upon the dipoles. This quantity 
can be defined as the heat evolved by the combination of free gaseous 
ions with liquid water to form hydrated ions, the existence of which 
has now been definitely established. J We can carry out the folio wing 
Born’s cycle. % One gram -molecule of salt is first converted to gaseous 
ions, the necessary energy being termed the Idttice energy. This can 
he calculated theoretically for the NaCl type of lattice by the method 
of Bom, but can also be easily obtained from the following experimental 


[K]- 

Qs 

(K)- 


A 

■(Cl) 




^[KCl] 






(K-^) 


(C1-) 


Fig. 1. The Bom cycle- 


data: the heat of sublimation, the energy of ionization, the heat of forma- 
tion, and the electron affinity of chlorine. The method is as follows. 

The compound (e.g. KCl) is formed from the elements in two distinct ways 
(of. Fig. 1 ). The first way is the direct union of the elements, liberating the heat 
of formation Q^. The second way consists of four steps. (1) The element JT is 
sublimed "by supplying the heat of sublimation Qs- (2) One electron is removed 
from the K atom, the energy necessary being the work of ionization, (3) The 
chlorine molecules are split up into atoms by supplying energy (dissociation 
energy) per gram -atom. Each chlorine atom is then converted into a chlorine ion 
by the addition of an electron thereby liberating an amount of energy (electron 
affinity) per gram-atom. (4) The separate gaseous ions K and Cl now unite to 
give the solid KCl lattice, liberating the lattice energy Ug. The direction of tb© 
arrows in Eig. 1 indicates which alterations of the system are accompanied by an 
evolution of heat. The figure leads immediately to tb© relation 

Qb — Ug — — Qs — ( 1) 
The quantities in this equation refer to one gram-atom or one gram-molecule of 
KCL (Cf. Table 1.) 


t K. Fajaas, Verh. d. Dtsck. Phys. Ges. 21 (1919), 549, 709, 714; F. Haber, ibid. 21 
(1919), 750. 

t See W. Nemst, Theoretische Ghemie, llth-15th edition, p. 447, 1926; also B. S. 
Taylor, loc. cit., p. 686. 

§ M. Born, Verh. d. Dtsch. Phys. Ges. 21 (1919), 13, 579. 
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The gaseous ions are then dissolved in water, liberating the sum of 
the heats of hydration of the anion (QJ and the cation 
The cyclic process then gives 

Qa~^Qk — ( 2 ) 

"where Q£,is the heat of solution as experimentally determined. 

The following table, taken from recent in^vestigations by E. Lange and K. P. 
Mi^cenko,^ gives the values of ZJ^ and Q j, for various salts. 

Table 1 


Lattice energy (ZJ^) and heat cfsolwtim (Q£) of the alkali halides^ in kg. cal. 



r 2 



-f-A* 

"f ~ 

= A’ 

V'/ 

ur 

A” 

LiF 

123 

(94) 

40 

. . 

120 

. . 

. . 

231 

- 1*04 

LiCl 

123 

86 

40 

29 

97 

204 

. . 

189 

+ 8-76 

LiBr 

123 

82 

40 

22 

87 

190 

. . 

180 

+ 11-72 

Lil 

123 

75 

40 

17 

71 

176 


•• 

+ 14-76 

ISTaF 

118 

(94) 

27 


111 

* » 

• • 

.. 

- 0-6 

Had i 

118 

85 

27 

29 

98 

187 

183 

178 

- 1-7 

NaBr 

118 

82 

27 

22 

90 

175 

173 

169 

0-2 

Hal 

118 

75 

27 

17 

76 

163 

160 

, . 

-h 1-3 

KF 

99 

(94) 

23 


109 


1 .. 

182 

■+ 4-24 

KCl 

99 

85 

23 

29 

104 

170 

164 

164 

- 4-29 

KBr 

99 

82 

23 

22 

97 

159 

157 

157 

- 4-91 

KI 

99 

75 

23 

17 

85 

149 

146 

148 

- 4-98 

RhF 

96 

(94) 

22 

.. 

108 




■+ 5-80 

RbCl 

96 

85 

22 

29 

105 

167 

156 


— 4-5 

RbBr 

96 

82 

22 

22 

99 

157 

149 

152 

~ 5-96 

Rbl 

96 

75 

22 ■ 

17 

87 

107 

140 

147 

- 6-5 

CsP 

89 

(94) 

20 

.. 

107 




-f 8-37 

CsCl 

89 

85 

20 

29 

105 

159 



- 4-75 

CsBr 

89 

82 

20 

22 

101 

150 



— 6-73 

Csl 

89 

75 

20 

17 

90 

141 



~ 8-25 


1 E. Lange andK. P. MisSenko, Z.f.j)hys. Che^m. A, 149, (1930), 1. 

2 Ionization energies of the metals (from recent spectroscopic data): E. Rabinowitsch 
and E. TMlo, Z. ^Jiys. Ghen, B, 6 (1930), 288. 

^ The values for the electron affinities are mean values from spectroscopic data (E. v. 
Angerer and A. Mmer,Phyaikal. Z. 26 (1925), 643), and the theory of the crystal lattice 
(M. "^OTIL, Atomtheorie des festen Zustandes.-j^. 752, Leipzig, 1923). 

^ Heats of sublimation of the elements (calculated from data in Landolt-Bornstein by 
E. Babinowitsch and E. Thilo, loc, cit., p. 298). 

® Heats of dissociation of the halogens (from spectroscopic data by H. wSponor, Ermhn. 
d. eccakU Naturw, 6 (1927), 75. 

® Heats of formation of the salts (Landolt-Bornstein, Phy 8 ,~che 7 n. Tahellen, p. 1505). 

^ Lattice energies calculated from the above data by equation (1 ). 

® Lattice energies calculated from the electrostatic lattice theory (Wa and K salts 
E. Lange. phus. Ohem. 116 (1925), 337; Kb salts, H. G. Grimm, Handbuch d. Phpsik, 
xsiv, p. 440). » Lattice energies according to J. C. Slater, J>Aps. Rev. 23 (1924), 488. 

Heats of solution from Landolt-Bomstein and E. Lange. The figures refer to one 
gram -molecule at inSnit© dilntioiik 
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The lattice energies of KOI sind KBr are respeety - 
kg. caL/gm. mol. The corresponding keats of soi^|io: 

— 4*9 kg. cal./gm. moL; hence 

(^a+^*)K0i= 159-7 kg. cal./gm. mol. 

(6a+0&)KBr = 152-1 kg. cal./gm. mol. 

The work necessary to break up the crystal is thus chiefly furnished by 
the heat of hydration. 

We shall not here deal with the thermochemistry of the hydration of ions, which 
treats the polarization of the water inolecules by the ions as the essential part of 
the process. (For details see M. Born, Z. /. Pli'^sik^ 1 (1920), 45; F. J. Webb, 
Proo. Nat. Acad. Wash. 12 (1926), 524; J. Am. Ohem. Soc. 48 (1926), 2589; 
Latimer and B. M. Buffington, ibid. 48 (1926), 2297 ; W. M. Latimer, ibid. 48 
( 1926), 1234 ; N. Bjernim, Z. phys. Chem. 127 (1927), 369. See also the monograph 
by A. E. 'van Arkel and J. H. de Boer, Chemische Bindung ale elektrostatische Er^ 
scheinnng, p. 203, Birzel, Leipzig, 1931 ). Extended use has been made of M. Bom’s 
idea, according to '^vhich the maximum work performed by transferring a spherical 
ion of radius r and charge e from a vacuum to a medium of dielectric constant is 
given by the expression ^ ^ 

2r(^ 5^ 

W© may mention the considerations of Scatchard on the effect of the medium on 
the electromotive force of cells (see J. Anm. Chem. Boo. 47 (1925), 2098; Trans. 
Farad. Soc. 23 (1927), 454; Chem. Rev. 3 (1927), 383, and the work of Bjerrum 
andLarsson (Z.ph'i/s. Chem. 127 (1927), 358) on the distribution of ions between 
different media. References may also be made in this connexion to a paper by 
Hammerschmid and E. Lange phys. Ohem. 155 A (1931), 85) containing a 
criticism of the views of Fredenhagen, Z.phys. Ohem. 152 A (1931), 321; Z. J. 
Flectrochem. 37 (1931), 257, on the solution process for electrolytes. (See also 
subsequent polemical papers by both these authors in the Z. phys. Chem.} Fajans 
and Bom have frequently emphasized the fact that the energy of solvation of a 
gaseous ion can only b© roughly calculated in this way, and actually depends on 
several additional factors, such as chemical linkages between the ion and one or 
more of the surrounding water molecules. The forces between two ions very close 
together, and between an ion and the solvent molecules in its immediate neigh- 
bourhood are very specific in character, and do not only depend on the dielectric 
constant and the distance. Individual variations are therefore also found in the 
solvent power and power of dissociation of different media. The long distance 
forces between two ions can, however, be approximately represented as Coulomb 
forces, and it is therefore possible to calculate approximately the change of free 
energy on dilution by the Debye-Hiickel limiting law (see p. 120). H. \J\ielci{Z.f. 
EleMrochem. 36 (1930), 497) has recently calculated the degree of hydration of ions 
from ionic entropies, and finds good agreement with the figures obtained from 
ionic mobilities (see H. Ulich, ‘tTber die Beweglichkeit elektrolytischer lonen’, 
Fortschr. d. Chem. u. phys. Chem. 18 ( 1926), no. 10; Trans. Farad. Soc. 23 ( 1927), 
388 ; Ulich and Birr, Z. angew. Chem. 41 (1928), 443). 

A further point of interest is the following. If we vary the anion, but 
not the cation, we have for the difference beWeen the heats of hydration 
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of tie anions, A.Q^a- = 

Similarly, by varying the cation, 

‘Qk'k" ~ ^QjC,Kk."~^^^ tk'k' 

It is thus possible to determine these differences. The following table 
gives the results of Fajans for the differences between the heats of 
hydration of gaseous ions. The figures are in kg. cal. per gm. mol., and 
stand between the two ions concerned. 

Tabie 2 

Differences between the heats oj hydration of gaseous ions, according 

to Fajans 


F 

40 

Cl 

11 

Br 

10 

I 

H Li 


Na 


K 


Rb Cs 

113 

27 


21 


3 

8 



Mg 

30 

Zn 

25 

Cd 


It is foxmd that the diffexeace calculated in this way fox any pair oi 
anions or cations is independent of the nature of the oppositely charged 
ions with which they are associated. 

3. Notes and References 

Not& 1, Numerous references to work on transport nxinahers are given ia the 
section by J.B. Partington in Taylor’s Treatise on Physical Chemistry, 2nd edition, 
voL i,p. 607, 1930, and also in ^eMm.^^sLehrh'Uch der physikaZ. Ohemie, 1st and 2nd 
editions, vol iii, p. 437, 1929, P. Walden’s ‘Das Xeitvermogen der Xcisungen’ in 
Ostwald-Drueker, der ci^etnemen O/iem-ie, vol. iv, Leipzig, 1924, Akad, 

Verlagsges., andX. Ebert’s ‘tJberfiihmngszahlen infliissigen Elektrolyten’, Hand’ 
htich der JExperimentalpJiysik, vol. xii, part I, pp. 291 ff., 1932. The moving 
boundary method, first employed by O. Lodge {Brit, Ass, Hep., p. 389, 1886), has 
subsequently been greatly refined, especially by Mclnnes and J. A. Beattie 
(J. Am. Chem. See. 42 (1920), 1117 ; D. A. Mclnnes and E. R. Smith (ibid. 45 
(1923), 2246; 46 (1924), 1398; 47 (1925), 1009) ; Mclnnes, J. A. Co\vporthwaite, 
andK. C. Blanchard (ibid. 48 (1926), 1909); Mclnnes, Cowperthwaite, and T. C. 
Huang (ibid. 49 (1927), 1711) ; Mclnnes andT. B. Brighton (ibid. 47 (1925), 994 ; 
48 (1926), 1909); andL. Or. Xongswoxth and Mclnnes {J, Opt. Soc. Am. 19 ( 1929), 
50) ; see also Xongsw'orth, J, Am, Chem. Soc. 52 (1930), 1900, and the review by 
Mclnnes and Cowperthwaite, Chem.Mev. 11 (1932), no. 2, 171. Mclnnes, Cowper- 
thwaite, andT. Shedlowsky (ibid. 51 ( 1929), 2671) succeeded in showing by means of 
this method that, contrary to what is often assumed, the chlori de ion shows no trace 
of complex formation in mixtures of KOI and NaCl up to 0*1 N. An appioximato 
theory of the moving houndaTy method has been given by E. Kohlrausch {Ann. 
d.Phys. (3)62 (1897), 209), H. Weber [Berl.Ber. 936, (1897)), W. X. Miller {Z. phys. 
Chem. 69 (1909), 437), and especially M, v. Laue (Z. anorg. Chem. 93 (1915), 329). 

J. W. McBain and P. J. Rysselberghe (J. Am. Chem. Soc. 50 (1928), 3009; 
52 (1930), 2336) and J. W. McBain, P. J. Rysselberghe, and W. A. Squance 
(d. Fhys. Chem. 35 (1931), 999) find that on electrolysing a mixture of 0*05 M- 
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magnesium sulphate and 0*95 M. potassiuin sulphate, the magnesium migrates to 
the anode instead o£ to the cathode. They conclude from this that strong electro- 
lytes contain undissociated molecules and complex ions. It should, however, he 
emphasized that transport numbers are very sensitive to errors in the analytical 
methods employed, so that a fresh confirmation of the results of McBain and Rys- 
selberghe would be desirable. C. Drueker {2. J, Elektrockem. 18 (191S), 797; 
Z. pkys. Chewi. 121 (1926), 326; cf. dissertation by Diisedau, Leipzig, 1931) con- 
cludes from Ms own measurements and values given in the literature (cf. Landolt- 
Bomstein) that the transport number of the anion in solutions of ternary salts 
passes through a minimum (about 0*01 M. for BaClg), from which he deduces the 
presence of singly charged cations. Jones and Dole(J'. Am. Chem. Soc. 51 (1929), 
1973) have recently found that no such minimum exists, the transport number 
of the anion rising continuously with the concentration. (The results in dilute 
solution conform approximately to a square-root law, which is what we should 
expect theoretically: cf. equations (550) and (565). See also M. Dole, J. Phys. 
Chem. 35 (1931), 364:7, and especially L. Ebert (loc. cit., p, 346) who has given a 
complete treatment of dilute solutions.) 

S. Freed and Ch, Casper [J. Am. Chem. Boo. 52 (1930), 2632) have recently 
shown an interesting relationship between the nature of complex ions and their 
magnetic properties. The magnetic susceptibility of MgSD 4 and of similar electro- 
lytes is independent of concentration, and this constancy makes the formation 
of complex ions very improbable. Freed and Casper consider that the reversal in 
the direction of the magnesium ion found by McBain and Bysselberghe can prob- 
ably be explained on the basis of ionic interaction. For a further discussion of 
transport numbers, see p. 203. 

Note 2. See J. N. Bronsted, Bee. Tra'o. Chim. Pays-Bas, 42 (1923), 718; 
Bronsted and K. Pedersen, JZ. phys. Ohem. 108 (1924:), 185; BrSnsted and H. C, 
Duus, ibid. 117 (1925), 299; Bronsted, J. Chim. Phys. 30 (1926), 777 ; Bronsted 
and E. A. Guggenheim, J. Am. Chem. Soc. 49 ( 1927), 2554 ; Bronsted, Chem. E&o. 
5 (1928), 284 (many references to literature) ; Trans. Farad. Soc. 24 (1928) 630; 
Bronsted and W. F. K. Wynne-Jones, Trans. Farad. Soc. 25 (1929), 59 ; Bronsted 
and R. P. Bell, J. Am. Chem. Soc. 53 (1931 ), 2478 ; Bronsted and N. L. Ross-Kane, 
ibid. 53 (1931), 3624; Bronsted and K. Yolquartz, Z. phys. Chem. 155A (1931), 
211 ; A. Hantzsch, Z. f. Elektrochem. 29 (1923), 229, and succeeding volumes; 
Hantzsch and Weissherger, Ber. 125 (1927), 251 ; Hantzsch and Yoigt, Cheni.Ber. 
62 (1929), 975; Hantzsch and Burawoy, ibid. 63 (1930), 1181; L. P. Hammett, 
J. Am. Chem. Soc. 50 (1928), 2666; T. M. Lowry, Chem. and Ind. 42 (1923), 43; 
Trans. Farad. Soc. 29 (1924), 58; J. Ohem. Soc. (1927), 2554; Lowry and O- F. 
Smith, ibid. (1927), 2539; J. B. Conant and N. P. Hall, J., Am. Chem. Soc. 49 
(1927), 3047, 3062; Hall, ‘New views on acids and bases’. The Nucleus (Boston), 
Jan. 1929; J. Chem.. Educationy7 (1930), 782; Chem. Rev. 8 (1931), 191 ; Hall and 
T. H. Werner, J. Am. Chem. Soc. 50 ( 1928), 2367 ; N. F. Hall and M. B. Sprinkle, 
ibid. 54 (1932), 3469; K. J. Pedersen, Kgl. Danske Yid. Selsk. 12 (1932), 1; 
A. W. Davidson, ibid. 50 (1928), 1890; 52 (1930), 507, 519; 53 (1931), 1341 ; 
V. K. LaMer and H. C. Downes, ibid. 53 (1931), 888; 55 (1933), 1850; Chem. Rev. 
August, 1933; Wynne-Jones, Proe. Roy. Soc. 140 A (1933), 440; Halford, J. Am. 
Ohem. Soc. 53 (1931), 2939; 55 (1933), 2272. See also P. Walden, Salts, acids, and 
bases, McGraw Hill, Hew York, 1929, Numerous references are given by G. M. 
Schwab in his hook Katalyse vorn Standpunht d. chemuohen Kinetik, Berlin, 1931. 
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IDEAL DILUTE SOLUTIOlSrS 

4, Conditions of Equilibrium. The Thermodynamic Potentialst 

Considering any system (e.g. a solution of sodium chloride) in a rigid 
enclosure impermeable to heat, we wish to determine under what condi- 
tions this thermodynamic system is in equilibrium. It is known from 
the principles of thermodynamics that the entropy ^ of an isolated 
system always tends to increase. If the entropy has reached a maximum 
value it can increase no further, and will therefore remain stationary. 
The system is then in a state of thermodynamic equilibrium. Since 
>Sis a fxmction of the state of the system, i.e. of the absolute temperature 
T and the generalized coordinates the system can only be 

in equilibrium if the first-order differential of the entropy S is zero. 
The necessary condition for equilibrium is thus 

SS = 0. (3) 

The premises underlying this condition are that the energy U is con- 
stant, and the volume V is constant, since the system is isolated.:!: 
This corresponds to the assumption of a rigid, non-conducting envelope. 
In actual practice the conditions U == constant, V = constant are never 
fulfilled, and it is therefore necessary to find conditions of equilibrium 
which apply to ordinary experimental conditions. The most important 
quantities in this connexion are the free energy introduced hy v. Helm- 
holtz, and the thermodyndmic potential of Gibhs. We shall first con- 
sider the free energy. Consider a system X in which the volume V and 
the temperature T are kept constant. In order “to find the equilibrium 
conditions for this case, imagine the system X extended to form the 
isolated system X+X^ Since nothing is stipulated about the processes 
taking place inX, any surface may be taken as the adiabatic envelope. 
The equilibrium condition for the isolated system X -hX' is 

^(S+jS') = = 0, (4) 

where S and /S' are respectively the entropies of X and X'. 

t T'or tether inforrnation see specially M. Planck, Vorltsung ilber Th€r 77 iodi/'naniik, 
Herlin and Leipzig, 1927, 8th edition; Gr. IST. Lewis and IM. nandall, T/teTmQdijnafnics, 
McGra^y mil Book Co., 1923; W. Scliottky, H. TJlicli, and C. Wagner, Thef/tiodyT^cifrii/c, 
Berlin, 1929. See also the appropriate articles in the large text-books of physics by Geiger- 
Scheel, Wien-Harms, and Muller-Pouillet. 

t Th-is represents the simplest case of on© generalized coordinate V, which is siif5fici©nt 
for the purposes of further developmeat. The extension to several coordinates follo-ws 
as a matter of course. See p. 14. 
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By definition, 


8S' = 


d!Q 


(5) 


where dJ is the amoxmt of heat received by the system S'-f 
equilibrium, the temperature of X and S' must he equal, i.e. T = T\ 
Since the outer envelope is non-conducting, the heat d^Q' received hy 
S' can only come fromS, and therefore --d'Q'. Consequently, 

(5') 


Combining this relation 'vritb the eq^ailibritmi condition (4) we haTC 

( 6 ) 


SS-^ = 0 . 


T 

From the first law of thermodynamics, 

d' Q = S?7-4-i> SF {p = pressure). (7) 

Since V is assumed to he constant, 

a.-^ = o. 

or, since T is also constant, 

h(O^T8) = 8F=: 0 (8) 

the free energy F being defined by the equation 

(9) 

Since jS-{-S' and hence also TaS— f7 must be a maximum at equihbrium, 
the free energy U — TS must he a minimum. 

We shall now deal briefly with the tJiermodyTia^nic potential oi Gih'hB. 
In the majority of physical and chemical experiments, the pressure p 
and the absolute temperature T are constant. Consider again the system 
S combined with the system 2'. Exactly as in the case of the free energy 
we arrive at the condition of equihbrium, 

T -- - p 




= 0 . 


In the present case, however, p and T are constant, and therefore 

8{TS-U~pV) = 0, ' (10) 

The function TS—ZJ — pV is therefore a maximum, and the function 

0 = U-TSi-pV ( 11 ) 

a minimum. O is called the thermodynamic potentiaLX The condition 

•f Th© sign d' serves aa a reminder that d*Q is not a total differential, fcut only an 
infinitesimal quantity. 

X Thd symbol G is often used in the literature in honour of Gibbs. Planck uses the 
function —(U~ ~\-p V }/!7, wliicli he denotes by 4>. 
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for ©(juilibriTim At constant tcinpGrAtxix© find prGssur© is tliGTsforG tlifit 
the first-order differential of the chemical potential 4> shall be zero, i.e.-|- 

m = 0 . ( 12 ) 

The formulae for the free energy and thermodynamic potential can 
readily he extended to the case where the external work can be expressed 


in the form 


d’A == 2 


(13) 


h 

The expression for the free energy remains unaltered (9), while that for 
the thermodynamic potential becomes 


o = v-TS- 2 

h 


(14) 


By combining eq_uations (6), (7), (9), and (14) with the first and second 
laws of thermodynamics, we arriTe at the frequently used relations. 


dU 

dS 

dF 

dT 

er 


= T 
= -8 
= -8 


8F 

90 

8X-. 


= X. 




= —a?/,. 


(15) 


We might now be inclined to consider the thermodyriamic ‘pot&ntiah 
U, 8, F, and <I> as conrenient mathematical abstractions without any 
concrete physical significance. This is, however, not the case. The 
energy Z7 represents a perfectly intelligible conception and the entropy 
can be interpreted on the basis of the kinetic theory as the probability 
of a certain distribution, as was first pointed out by Boltzmann. This 
treatment of thermodynamics requires, however, a knowledge of the 
elementary components of the system, e.g. molecules, which is often 
inaccessible. We shall therefore refrain from further treatment of this 
point of view J except in dealing with the statistical foundations of the 
Debye theory, where we shall return to the relation of free energy to 
probability .§ 

To arrive at the significance of free energy, consider a system which 


t Our formulae = 0, SJP’ = 0, = 0, give n.o information as to wlietlier Uie 

eo^uilibrium is stable or unstable. Tor a discnssion of this point, see text-boohs of 
thermodynamics. 

Classical thermodynamics tells us notliing of tiow rapidly the maxirnum is reached . 

If It is also necessary to knov something of the nature of the atoms and molecules 
present in the practical applications of thermodynamics. Thus, in order to specify the 
thermodynamic potential of an ideal solution, we must know the nature of the elementary 
particles present. (See p. 16.) 

§ a. Chap. XU. 
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passes from one state to anotker state at the same temperatiire. Tke 
change in free energy corresponding to this process is then according 

dF = dU-TdS. (16) 

According to the second law of thermodynamics, T dS represents 
the heat d'Q supplied to the system when the change is re^exsihle. The 
first law states that the total external work performed by the system in 
the course of this reversible process is given by 

-d'A = dQ-^dU = ^dF. (17) 

The external work done by the system is therefore — dF for any other 
isothermal process taking place between the same initial and final states. 
In practice, the external work performed by the system during any 
isothermal process is less than —dF, on account of friction and other 
irreversible processes. —dF — —dA' thus represents the maa^imAim 
external work done by the process, which is only obtained when the 
process is completely reversible. If the system is at constant pressure, 
and undergoes a volume change dV during the process, an amount of 
work dV will always he done against the external pressure, and must 
he subtracted in order to obtain the available external work 
The mailable work is therefore given by 

-dA^ = -d'A-p dV. (18) 


If tie process is reversible, —d'A reaches its maximum value —dF, 
and haye _ -d'A-j, dV = -d^. (19) 


Thus for any process taking place at constant temperature and con- 
stant pressure, 0^—0^ represents the maximum external work avail- 
able for use when the process takes place between the two states A 
and B. It may be noted that in the case of liq^uids, dF and do not 
differ greatly numerically since p dV is small. 

The applications of these results cover an extremely wide range, not 
only for homogeneous systems (e.g. the theory of the galvanic cell and the 
thermo-element), but also for heterogeneous systems. Thus the phase 
rule of Grihbs appears as one of the consequences of the theory. The 
applications of thermodynamics to gaseous mixtures and dilute solu- 
tions are of special importance, and we shall use in connexion with the 
theory of electrolytes the theory of ideal dilute solutioTis. We shall deal 
briefly with the application of this theory to the laws of osmotic pressure, 
depression oj freezing-point, elevation, of boiling-point, and lowering of 
'Daponr pressure, after which we shall treat thoroughly the deviations 
from these laws exhibited by electrolytes. 
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5. The Theory of Ideal Dilute Solutions (Plaack). The Law of 
Mass Action (Guldberg-Waage). The Equations of van’t Hoff 

In dilute solutions the amount of one component is very large compared 
vdth the amounts of all the other species in the same phase. f The 
system may consist of many phases, and the theory can easily be ex- 
tended to cover this case.J We shall first, however, treat the simple 
case of one phase, and investigate the criteria of thermodynamic 
equilihrium and the nature of its dependence on temperature and 
pressure. Let the phase contain I species, the amount of the Xth species 
being M), moles. Mj_ is taken as being very great compared to all other 
M^s, and the component 1 is termed the solvent. If U is the energy of 
the solution, we may -write in general 


£ 

if, 




( 20 ) 


The function x can he expressed as a series by Taylor’s theorem, and 
we can neglect terms containing higher powers of than the first, 

since ifi > M^, M3,..., Mi. This gives 


£= 

Ml ZMi\dMyJMif 

A— 2 


h( \ 


( 21 ) 


If we define tlie quantities 'Wj and (which, are independent of con- 
centration for small values of the latter) by the equations 


{X ~ 2,3,...,l), (22) 

I 

we have O' == 2 (2^) 

The energy V is thus a homogeneous linear function of the quantities 
The physical significance of this linear dependence is that the 
properties of a dfiute solution depend, to a first approKimation, only on 
the interaction between the molecules of the solute and the molecules 
of the solvent, and not on the action of the solute molecules upon 
one another. The latter effect is taken into account hy retaining the 
terms in Taylor’s series containing to the second and higher 

powers. Solutions for "which it is necessary to consider only the first- 
named effect "will he termed ^id&il dilute solutions^ . The are func- 
tions of the temperature and pressure and also of the nature of the 


I* M. rianok, Wied. Ann. 34 (1888), 139—54. See also Vorlesungenilber Thermodyncmik, 
Berlin and Leipzig, 1927. 

t W© sliall return to this point later (see p. 18). 
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substances present in the solution. Thus % depends upon T, and the 
solvent; upon p, T, the solvent, and the first dissolved substance, and 
so on for etc. In the same way, the volume of the solution F can 
be written in the form ^ 

A=i 

where the depend upon _p, T , and the substances present in exactly 
the same way as the above. We wish now to calculate the entropy 
o£ the ideal dilute solution. According to (6) and (7) 

gB = + (25) 


Since 'iix and depend only on p and T, and not on Jl/i,..., Af;, the 
coefficients of in (25) must each be total differentials, i.e. 




(26) 

Therefore, 

dS = ^M^ds^, 

(27) 

and on integrating, 

S = 2ilfASA+C- 

(28) 


X=i 


The integration constant C is not a function of p and T, but may 
depend on ., Mi, Its value is readily determined. We imagine that 
the whole system, both solvent and solutes, is converted to the ideal 
gas state by increasing the temperature and decreasing the pressure. 
This process cannot be realized in practice, since changes would occur 
in the state of aggregation and chemical composition of the system, i.e. 
the would not remain constant and the equilibrium of the solution 
would be disturbed. This is, however, immaterial for the present calcu- 
lation, since the change is theoretically feasible.f The entropy of the 
ideal gas thus obtained may be easily calculated. We have I different 
gases in amounts moles present in volume V. Calling the 

partial pressures and the specific heats per mole at constant 

pressure Cp^, the entropy of the gas mixture is 

{S) = 2 M^(C^logT-Rlog2>^-^b^), (29) 

X=i 

where bx is an integration constant, and i? is the universal gas constant, 
8*31 X 10^ ergs per degree. 

t This method of determining <7, due to Planck, is not quite unexceptionable, since it 
assumes that the system remains ideal for all values of T and p. The same result may be 
obtained rigidly by statistical methods, which w© shall, however, omit for the sake of 
brevity. See especially R. H. Fowler, ^Statistical Mechanics, 1929, and E. A. Guggenheiin, 
Proc. Roy. Soc. 135 (1932), 181. 

3595.7 


D 
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Introducmg the mole fraction, rj^ and the total pressnre p we have 

J'A = (30) 

aad the entropy of the gas isf 

(8) = 'XM}^{Oj,JogT-Rlogp+bx)—X^x^'^osn’ ( 31 ) 

A=l A-i 

or, more shortly, (S) = ^ (sx)Mx— log rj^. (31 ') 

If the gas is now converted again to the liquid state without changing 
the Mx^s and ly/s, comparison of (28) and (31) gives 

C^JR^Mxhgrjx, (32) 

A=i ' 


since on varying p and T, (sx) becomes sx- 

If we now write = “^A—^^A+i^^A^ (33) 

(f>X being a function of ^ and T, the thermodynamic potential of the 
ideal dilute solution can be written in the formf 

f = T 2 RTMxlogrjx^ (34) 

A=i A=i 

. If tte system contains k different phases ( 1, 2,. , a,. , k) each of which 
constitutes an ideal solution, then we have for the phase a-, 

OW = 2 i Jfi-) log (35) 

A=l ^=1 

and for the total thermodynamic potential, which is equal to the sum 
of those in the separate phases. 




c-l 


or 


0 = 2 

A-1 cr==lA 


(36) 

(37) 

We shall now use this expression to derive the conditions for cmii- 
hhnm of the system. According to previous considerations (see p. 13) 
when j3 and T are kept constant, <& mns^be a minimum, i.e. the differ- 
ential of the thermodynamic potential S® must he zero. The are 

t (29), (31), aad (31') r.fer to tho gaseous state. 

ot\ 120 The ft • T ® “'TT' ” development of modem electrolyte theon^ 
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functions of p and T ontyj and axe not clianged by variations of <&. We 
thus 


2^ 


Since Iby definition, , 

A=i 

the condition for eq[XLilibriuiaL is 

f i f 2 ^M[onogr}[°^^ = 0. 

o-=i;\=i <7=1 A=i 


.(c)- 


From this the eqxiiKbritim condition can easily be obtained in terms of 
the The variations are related by the reacticm eqnaticms 

which have the formf 

^(<T)^(a)^^(cT)^(o-)^^^^ ^^(o)^(cr) ^ Q ( 40 ) 

A[^\ AS^\ etc. are the chemical formulae of the substances, and is 
proportional to Each reaction is also characterized hy definite 

relationships between the numbers of moles concerned, i.e. 

8Jf{^) : : ... : : ... = : ... : ..., (41) 

where ij}f\ etc. are positive or negative integers according as the 
species in question is formed or destroyed in the reaction. 

Equation (39) therefore becomes finally 

1 i log = -22 'w- = 

This may be written in a slightly different form, 

fl fl T). (43) 

a--=l A=l 


Equation (43) is the law of mass action of G-uldberg and Waage in its 
usual form.f 

The two equations of van’t Hoff can easily be derived from these 


■j* hMj^\ etc., need not refer to a reaction ia the phase cr, but can also correspond to 
a transference from one pliase to aaotlier. We can then treat {a) the equilibrium far 
reactions in one phase, and (6) the equilibrium for transference between two phases. If 
there is equilibrium (a) in one phase and equilihrium {b) with respect to all transferences 
between this phase and other phases, then there must also be equilibrium (a) for all 


J The papers of C. M. Guldberg and P. Waage, 1864-79, have been translated and 
idited by R. Abeggin Ostwald’s ivZa<ss<X‘er, no. 104, Leipzig, 1899. 
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considerations. Tliese equations express the dependence of the equili- 
brinni constant K on temperature and pressure, as follows. 


dlogK Q 

dt ~ RT^ 

(44) 

dlogJT AF 

(45) 

dp BT 


Q is the total amount of heat absorbed at constant pressure during the 
reaction characterized by the and AF is the corresponding change 

of Yolume of the whole system. 

6, The Laws of Osmotic Pressure, Depression of Freezing-point, 
Elevation of Boiling-point, and Vapour-pressure lowering for 
Ideal Dilute Solutions 

If a Yessel contains a layer of cane sugar solution covered by a layer of 
pure water, the system will not remain in this state. The entropy will 
continue to increase until equilibrinm is reached, which will be when the 
sugar is distributed completely evenly throughout the system. Let the 
solution now he separated from the pure water by a semi-permeable mem - 
hrane permeable to water hut not to sugar. The solution will now have 
a tendency to become more dilute, hut the transference of water can he 
prevented hy exerting a pressure upon the solution. The pressure neces- 
sary exactly to maintain equilibrium is termed the osmotic ^pressure of the 
solution. We shall now apply the general considerations of the previous 
section to this simple system. The solvent Of constitutes the first phase, 
which we shall designate hy one dash. The second phase, designated by 
two dashes, is the solution consisting of the solvent 0 and the solute 1 . 
The only reaction taking place is the transfer of one mole of water so tliat 

1 ^ 1 ^ Q 

The corresponding mole fractions are 

, , , '^'o, 

and we have from (42), 

THs equation determines the osmotic pressure. Since we arc dealing 
•with a dilute solution, is approximately unity, and log las a very 
small negative value. In the absence oi any cane sugar, but 

when some is dissolved, our equation shows that j>" and also that 

t Th© solvent will from now onwards be designated as 0, 
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^0 > ^ 0 - The thermodynamic? potential of the water in the solution 
must thus be greater than that of the pure water. This is due to the 
external pressure applied, the magnitude of whioh can easily be eualu- 
ated as follows. 

We write n (^7) 

To preserve eq[uilibrium, the external pressure p must be increased by 
the amount of the osmotic pressure P, so that 

We shall take the temperature as constant. Now since logT^o is very 
small, (f)l and cf)Q differ very little, and we can use Taylor’s series, re- 
taining only the first two terms, giving 

(49) 


Then we have from (11) and (15), introducing the molar volume of 


water, Dq, 

= Po, 

(60) 

or, 

§=-log^S. 

(51) 

Also, from (38) 


(52) 

So that 


(53) 


Since we are dealing with dilute solutions, the equation for the 
osmotic pressure becomes 


P (54) 

If (several different substances are dissolved in -crater — rj. moles of the -ith sub- 
stance per mole of water — then the osmotic pressiiu* of the ideal dilute solution 
becomes by an extension of (54), 

F=~y'vt> 

the summation extending over all the dissolved species. 

The osmotic pressure of any dilute solutions is thus directly propor- 
tional to the concentration of dissolved substance and to the absolute 
temperature, rjl moles of solute are dissolved in 1 — r]'[ moles of water. 
For very dilute solutions, we can write one mole in place of 1 —r]'[ moles, 
and the volume in which one mole of solute is dissolved then becomes 



( 55 ) 
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Ott introducing tlis volume Uj into eq[uation (64), we obtain van’t 
Hoff’s equation for the osmotic pressure, 

Pdi = JRT. (56) 

Oae mole of the solute contains 6-06X = N molecules, and 

B = Nii:, {te — 1-37 X lO-^* ergs/degree). 

Equation (66) can thus also be written 

Poi = NkT. 

Introducing the number of molecules in one c.c. , n, we have 

= 

D " 


P = nkT. (56') 

This equation corresponds to the ■well-known equation for the pressure 
of an ideal gas in the kinetic theory of gases. 

In a similar way we can use the general treatment of § 5 to derive the 
equations for the freezing-pomt depression, boiling-point elevation, and 
vapo%r-prs&s%re lowering for ideal dilute solutions. We shall confine 
ourselves to the results, since the derivations follow exactly the same 
lines as that given in detail for the osmotic pressure. The equation for 
the freezing-point lowering {AT)g of an ideal dilute solution is 

(57) 

where Tg is the freezing-point and Tg the molar heat of fusion of the 
solvent. This is Raovlt's equation for the freezing-point depression, and 
states that to a first approximation the freezing-point de}:)resaion is 
proportional to the concentration of the solute, f In practice the con- 
centration of the solute is not expressed as mole fractions, but as moles 
per 1,000 gm. solvent or molarity. If the molarity is ni and the mole- 
cular weight of the solvent we have 

"" (T7o()o/ff"j+7/i‘ 

Tor sufficiently small concentrations this becomes 


'^1 




1,000 


m. 


t It is assumed that the solid phase consists of pure solvent. If more tiian one solute 
is present, 'q'i in equations (57), (61), and (63) must be replaced by Y' 7)7. (Cf. formulae 
(54) and (54').) ^ ^ n \ 
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and the freezing^poiat depression is gi\reii by 


For water, we have 


BTl gp 

Vg 1,000 


'in. 


( 59 ) 


(?o = 18*02, = 1,438 cal, % = 273*2^ 

wHcli gives for the freezing-point depression 

(KT)g = — l-858m (60) 

agreeing well with the observed value, l*860m. 

Equation (60) is used in practice for determining molecular weights. 
A known amount of substance is dissolved in a known quantity of 
water, and the molecular weight of the substance can be calculated 
from the observed freezing-point depression. Many substances, especi- 
ally organic compounds, give a value very near 1*86 for (ACr)Jm. On 
the other hand, salts and strong acids and bases give higher values, 
which in general increase with deereasing concentration, and approach 
an integral multiple of 1-86. These discrepancies can be explained by 
Arrhenius’s theory of electrolytic dissociation, which will he treated 
in the next chapter. 

The boiling-point elevation for ideal dilute solutions is given by the 
corresponding equation, 



(61) 


where is the molar heat of evaporation, and is the boiling-point of 
the pure solvent. For water at a pressure of one atmosphere, 

= 539-1 cal., T, = 

(KT), = 0-5 12m, (62) 

agreeing well with the observed value 0-51 The change in hoihng- 
point is thus not so great as the change in freezing-point (cf. (60)). 
Molecular weights are also determined hy measuring the boiling-point 
elevation. Strong salts, acids, and bases again show considerable de- 
partures from equation (62), which will he discussed in the next 
chapter. 

The vapour -press'ure loimring — Ajp is given hy 


and is thus also proportional to the concentration. Dq is the molar 
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volume of the vapour. If the vapour can be considered as an ideal gas, 

= RT 

and ( 63 ') 

The vapour-pressure lowering expressed as a fraction of the vapour- 
pressure of the solvent is thus eq[ual to the mole fraction of the solute. 
Anomalies are again observed in the vapour -pressure lowerings for 
dissociated substances. 
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SOME CONSEQUENCES OF TEE CLASSICAL THEORY OF 
ELECTROLYTES, AND THEIR APPLICATION TO WEAK 
ELECTROLYTESf 

7. The Deviations of Electrolytes from van’t Hoff’s Equation 
for Osmotic Pressures and Raoult ’s Law for Freezing -point 
Depression and Boiling-point Elevation 

If a salt ox a fairly strong acid or base is dissolved in water, the osmotic 
pressure, freezing-point depression, boiling-point elevation, and vapour- 
pressure lowering are all greater than they should be according to the 
equations of the preceding section. In Table 3 the experimental values 

Table 3 


gm. mol. 
'"ijOOOgrin-.HaO 


KCl 


0*0010 

-0-00365'’ 

3*65 i 

1-97 

0*97 

0*0050 

-0*0182 

3*64: 

1*96 

0*96 

0*0100 

-0*0361 

3*60 

1*94 

0*94 

0*0497 

-0*176 

3*54 

1*91 

0*91 

0*0867 

-0*299 

3*45 

1*86 

0*86 


BaCla 


0*000214 

-0*00119° 

5*57 

2*99 

0*99 

0*000872 

-0*00464 

5*32 

2*86 

0*93 

0*00273 

-0*0144 

5*27 

2*83 

0*915 

0*01142 

-0*0577 

5*05 

2*72 

0*86 

0*11358 

-0*5319 

4*68 

2*52 

0*76 

La(Na3)3 

0*00132 

-0*00915 

6*93 

3*75 

0*92 

0*00354 

— 0*02345 

6*62 

3*56 

0*84 

0*00806 

-0*0509 

6*32 

3*40 

0*80 

0*0177 

-0*103 

5*8 

3*12 

0*71 

0*0430 

-0-235 

5*5 

2*96 

0*65 

CHgCOOH 

0*00952 

-0*001946'’ 

2*05 

1*10 

0-10 

0*003007 

-0*006062 

2*01 

1*08 

0*08 

0*01002 

-0*0196 

1*96 

1*054 

0*054 

0*03535 

-0*06839 

1*93 

1*04 

0*04 

0*0951 

-0*1811 

1*90 

1*02 

0*02 


t W© shall not attempt to give an account of all the results and applications of 
Arrhenius’s theory, since this has already been done in many excellent text-books and 
3o95.7 
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of (I\T)gl'in are given for various electrolytes at different concentra- 
tions. The ratio (Ar’\ 

: 1-86 (64) 

M 

is called i. 

The boiling-point elevation, the vapour-pressure lowering, and the 
osmotic pressure give values of i which agree with those in Table 3 
within the experimental error. The osmotic pressure, freezing-point 
depression, boiling-point elevation, and vaponr-pressure lowering are 
thus all i times as great as the values calculated from the eq[uations of 
the preceding paragraph. This abnormality factor i was first introduced 
by van ’t Hoff in his theory of solutions, and is therefore usually called 
the mn- H Hoff factor. Arrhenius succeeded in showing that the van ’t 
Hoff factor i is a measure of the increase in the number of particles 
caused hy the dissociation of the molecules into ions. 

8. Svante Arrhenius’s Hypothesis of Electrolytic Dissociation 
in Aqueous Solutionf 

A- Explanation of osmotic and related phenomena. 

It is seen from the considerations of the preceding paragraph that the 
van ’t Hoff factor i is the factor by which the number of moles of solute 
added must be multiplied in order to account for the observed osmotic 
phenomena, e.g. the freezing-point depression. Arrhenius interpreted 
this abnormahty factor i in the following manner. Let the fraction of 
the total number of molecules which break up into ions be oc, and the 
fraction remaining undissociated therefore 1— a. One mole of the 
electrolyte containing N (= 6-06x1023) molecules therefore gives on 
solution N(l— a) undissociated molecules and vocN ions, where v is the 
number of ions formed by the dissociation of one molecule. Since the 

monograplis, 6.g. W. XTernstj, Th 60 TQtisG?i 6 Qhemi&i A. Encken., Lelirhuch dev chcTnwchen 
Physik, 1930. Complete references to the literature are given by K. Jellinek, Ldirhyich 
dzr physikalischen Chemie, voL ii, 1 928, voL iii, 1 929 ; H. S. Taylor, A Treatme on Physical 
Chemistry, New York, 1931, 2nd edition. In this chapter we shall only deal with the 
fundamental principles of the classical theory, which, are important in connexion, with 
modem electrolyte theory. 

t The ionic theory has also been frequently appUed successfully to xion-aqiieous 
solutions. Often, however, matters are complicated by the presence of specific factors, 
which are not at present understood. We shall therefore omit any treatment of non' 
aqueous solutions except for an occasional reference to results for solvents resembling 
water, ^or further details, see the foUowing monographs: Ch. A. Kraus, Electrically 
Oondvctiny Systems, 1922; P. Walden, Elektrochemie nichtwdssriger Losnngen, 1924* 
also E. S. Taylor, loo. cit. p. 25, L. Ebert, loo. oit. p. 10, and the symposium in Ghem. 

8, April, 1931.) 
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total aumbex of particles is equal to the number of molecules plus 
the number of ions, we hare 


and i— (1 — Q')+va == 14-(v — l)(x. (65) 

We find in. fact by referring to Table 3 that with increasing dilution 
the van ’t Hoff factor i approaches the "value 2 for 1-1 valent electro- 
lytes [v = 2), the value 3 for 1-2 valeut electrolytes (i/ = 3), and the 
value 4 for 1-3 valent electrolytes {v= 4). Conversely, we can calcu- 
late the degree qf dissociation oc from the experimental values of i, thus 
obtaining the figures given in Table 3. It is found that for strong 
electrolytes, e.g. KOI, KOH, HCl, BaCla, La(N 03 ) 3 , the degree of dis- 
sociation is almost unity, while for weak electrol 5 ?i}es, e.g. CHgCOOHjit 
is very much less than unity, i.e. only a very small proportion of the 
dissolved acetic acid molecules are dissociated into the ions CHjCOO” 
and H+-.f Arrhenius’s hypothesis of electrol 3 t}ic dissociation thus ex- 
plains the abnormally high values of osmotic pressure, etc. exhibited by 
electrolyte solutions as being due to an increase in the number of dis- 
solved particles, brought about by the dissociation of the dissolved 
molecules into ions. Van ’t Hoff’s application of the laws of ideal gases 
to the solute leads to the conclusion that the number of dissolved 
particles does determine the osmotic pressure and the thermod 5 mamic- 
ally related quantities freezing-point depression, boiling-point elevation , 
and vapour -pressure lowering. Now it is actually found that the 
osmotic pressures, etc. have values smaller than those corresponding 
to complete dissociation (cf. Table 3), and we must therefore assume 
that the number of dissolved particles varies according to the law of 
mass action with the concentration, temperature, and pressure. The 
nature of this dependence on concentration and the anomalous be- 
haviour of strong electrolytes will be dealt with shortly. 

Arrhenius and Planck showed almost simultaneously that the degree 
of dissociation must also be related directly to the electrical conduc- 
tivity, which will increase with increasing dissociation. We shall now 
investigate further this relationship between the electrical conductivity 
and the thermodynamic properties of electrolytes. 

t A few electrolytes do not behav^e like tkose in Table 3. Thus hydrogen fluoride has 
the properties of a weak electrolyte at concentrations higher than one molar, and oaly 
approaches complete dissociation at much lower concentrations. There is complex forma- 
tion at higher concentrations. See m.'Pick., ]^er?ist y. 360, 191:2; C.W. Davies 

and L. J. Hudleston, J. Chem, Soc. 125 (1924), 260. 
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B. The determination of the degree of dissociation from conductivity 
'measurements, {Arrhenius and Planck. )\ 

The conduction of electricity through an electrolyte is effected by the 
ions. The molar conductivity^ is therefore proportional to the degree 
of dissociation, i.e. A = Ga 

At infinite dilution we can consider the molecules as completely dis- 
sociated into ions. The degree of dissociation is then unity, and the 
molar conductivity has reached the limiting value A^q. We thus have 

C = A., 

and for the degree of dissociation a. 

(67) 

As the concentration increases, the number of conducting ions decreases. 
Arrhenius and Planck thus put the conductimty coefficient 

/a = ^ (67') 

•/Vqq 

equal to the degree of dissociation. § 

According to the classical theory it is thus possible to use measure- 
ments of the quotient to calculate the degree of dissociation a, and 
to compare these values with those obtained from measurements of 
osmotic pressure or freezing-point determinations. || Table 4 contains 
such data for solutions of potassium chloride in water. The values of 
the conductivity are from measurements by Kohlrausch at 18°. The 


Table k 

The co'ndnctivity coefficient {ff)for KCl in water at 18° 6'. 


y{molesl litre) 

A(rec. oJimsjcm^) 

fA{a) 

y(niolesllit?’'e)\^ 

A(rec. ohYnsJcm.'^) 

A((x) 

0 

130 

1-0 

5x10-3 

124-34 

0*956 

10-^ 

129 

0-992 

10-3 

122-37 

0*941 (0- 

2x 10“^ 

128'7 

0-990 

2x 10-3 

119-90 

0*922 

5 X 10-« 

128-04 

0-985 

5x10-3 1 

1 15-69 

0* 889 

10-3 
2x 10-3 

127-27 

126-24 

0-970 (0*97) 
0-971 

10-1 1 

1 

111-97 

0*861 


t Sv. Arrhenius, Bih. Svensk. Ahctd. Handl. 8 (1884), nos. 13 and 14; M. Planu'k, Ann. 
d. Physik, 82 (1887), 462 ; Z. ^hys. Ghem. 1 (1887), 577. 

X The molar conductivity is eq[nal to the specific conductivity (the eondactivdty of 
1 c.e.) divided by the concentration in moles per c.c. 

§ This assumption is not strictly true for strong electrolytes ; ef. p, 283. 

11 This calculation is, however, based upon an exact knowledge of Ac<, which can only 
he obtained by extrapolation to infinite dilution. 
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values of /a are coinpared witli tlie values of ol iiiXj>rac5Ji.-ex;8; caicuiaiiea 
from tlie freezing-point data in Table 3. The t%o'^ts^.of values 
well, as predicted by Arrlieixius. 

It may be noted that tke value of A/A^ is approxiii^i!e®|s«bi&^^ 
for all nni-nnivalent salts at the same concentration. These salts can 
therefore according to Arrhenius be considered as having the same 
degree of dissociation at the same molar concentration (/). 

C. Comparison of the degrees of dissociation calculated frorn osmotic 

measurements and from conductivity data. {Arrhenius.) 

Arrhenius was the first to express clearly the hypothesis of electrolytic 
dissociation and to show its approximate validity by an intercomparison 
of the values obtained for the degree of dissociation from conductivity 
and freezing-point data respectively. Later and more accurate measure- 
ments with salts, acids, and bases have confirmed Arrheniuses original 
calculations. Table 5'j' shows side by side the values from measurements 
of freezing-point depression (§ 8 A) and those from conductivity data 
(§ S B). 

The two sets of values oc^ and agree so well to a first approximation 
that we can consider Arrhenius’s dissociation hypothesis as essentially 
correct. { The decrease in molar conductivity caused by increasing the 
concentration can thus be expressed to a first approximation as being 
due to a decrease in the number of ions carrying the current. A closer 
inspection of Table 5 reveals, however, small differences between 
and olq which cannot be due to experimental error in the measurements 
of freezing point and conductivity. These differences are greater for 
electrolytes of higher valence type, i.e. in Table 5 they are least for the 
mono -monovalent electrolytes (KCl, etc.) and greatest for MgS 04 . 
These discrepancies, which are not very noticeable in the present case, 
are due to the neglect of the interionic forces, and will be dealt with in 

t The value of cxi(/a) taken from, the results of A. A. Noyes and K. G. Falk (J. Am. 
Chem. Soc. 34 (1912), 462). It is doubtful whether it is justifiable to apply a viscosity 
correction as these authors hav^e done. See e.g. B. F. E. King and J. R. Partington, 
Trans. Farad. See. 23 (1027), 531 ; D. A.McInnes and I. A. Cowperthwaite, ibid. 23 
(1 927), 400 ; Or. Jones and M. Dole, ibid. 52 (1930), 2245. Since, however, the correction 
is practically negligible at the concentrations to which Table 5 refers, no alterations have 
been made. 

X See C. Driicker, *Sa// 2 // 2 i. cliem.u. cJitm.-techn, Vortriuje, 10 (1906), 1; A. A. Noyes 
and G. Falk, loc. cit. 

There are a number of other methods for measuring the degree of dissociation, e.g. 
by measuring thee. m,f. of a concentration cell. (The general formulae involved are given 
on p. 51, -using activities instead of concentrations.) The values obtained agree approxi- 
inately with those given here. 
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detail later. We shall now pass on to the quantitative treatment of 
the variation of conductivit7 with, concentration, as given by the 
classical theory of Arrhenius. It will be found that the discrepancies 
appear especially for strong electrolytes, while the classical theory 
applies very well to weak electrolytes. 


The degree of dissociation from conductivity measttrements (cx^) and from 
freezing -j^^oint measurements calculated according to the classical 

dissociation theory 


Solvent water. Coaductivity data, at 18 ° C. used, 
y* = concentration in gramme equivalents per litre of solution. 


Electrolyte 


5x 10-^ 

10 -a 

2X 10-2 

5X 10-‘^ 

lO'i 

KOI 

K = /a 

0*956 

0*941 

0*922 

0*889 

0-860 

(p = 2) 


0*963 

0*943 

0*918 

0*885 

0-861 

NaCl 


0*952 

0*936 

0*914 

0*878 

0-852 

(v=.2) 

1^2 

0*953 

0*938 

0*922 

0*892 

0-875 

LiCl 

K = /a 

0*949 

0*931 

0*908 

0*870 

0-846 

(v-2) 

(as 

0*944 

0*937 

0*928 

0*912 

0-901 

HCl 

= /a 

0*981 

0*973 

0*962 

0*944 

0-923 

(.= 2) , 

1^2 

0*991 

0-972 

0*957 

0-933 

0*912 

KOH 

K-Xx 

0*964 

0-956 



0*893 

(v^2) 

l“2 

0*992 

0-982 



0*858 

MgS 04 

II 

0*739 

0-666 

0*592 

0-498 

0*434 

(v= 2) 

l«2 

0*694 

0-618 

0*536 

0-420 

0*324 

BaClg 

II 


0-882 

0*848 

0-794 

0*751 

(v — 3) 

l“2 

0*899 

0*878 

0*855 

0-819 

0*788 


9. Ostwald’s Dilution Law 

(The Variation of the Conductivity of Weak Electrolytes with 
the Concentration) 

Arrhenius assumed further that the equihhriura existing between the 
molecules and the ions of an electrolyte was governed by the Galdberg- 
Waage law of mass action ( 43 ). We shall suppose that a molecule of 
the electrolyte dissociates directly (without intermediate stages) into 
positive ions and negative ions. If the mole fractions eorrespon cling 
to these three species are respectively 77, 77^, and 7^_, the law of mass 
action gives / x . v 

■ (fi8) 


where is a quantity depending on and !P. If M moles of solttte are 
added to Mg moles of solvent, and the degree of dissociation is a, we 
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have by definition, 

ilfoV{i+(v-l)a}ilf 

v^olM 

~ MoT{lT(K-l)a>lf 
v^olM 

■where v — i/+-|-i/_. 

Defining the concentration a 

M 


(69) 


(70) 

(71) 


and intxoducmg the van ’t Hoff factor we have from (65), (68), 


and (69), 



{l+ia)v-i ^ 


For very dilute solutions we can replace by 1, so that tie 

right-hand side of the equation is again a quantity depending only upon 
temperature aud pressure. We therefore write 




(72) 


which for binary electrolytes (v == 2) simplifies to 

" <r=K^(p,T). (73) 

1 — oc 

It is obviously possible to use any other scale of concentration in place 
of cr in equations (72) and (73), e.g. moles per litre of solution (y), or 
equivalents per litre of solution (y*). The value of K (the dissociation 
constant) will, however, depend on the concentration scale chosen, since 
a-,y, and y* are all different, though directly proportional to one another 
in dilute solutions. If we use moles per litre of solution, we shall write 
(73) as 2 

= (74) 

1 — oi. ^ 

the subscript of the dissociation constant referring to the concentration 
scale used. On introducing the molar conductivities by means of (67), 
we obtain the OstwaM dilution law 
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Tkis law governs the variation of the molar conductivity of weak 
electrolytes with concentration. Ostwaldf has verified equation (75) 
for a very large number of organic acids, and weak organic bases follow 
the same law. J As examples of the accuracy with which the law applies, 
we shall take acetic acid (Table 6) and ammonia (Table 7), both dissolved 
in water. § In order to show the dependence of Ky upon the temperature, 
we have given values for 18° and 25°. In Table 6 Vy is the molar dilu- 
tion, i.e. the number of litres of solution which contains 1 mole of 
electrolyte, i 

(76) 

^ y 

For acetic acid at 25° = 1-78x10“^. It is seen that the law of 

mass action is fairly well obeyed by acetic acid and ammonium hydr- 
oxide, both of which are weak electrolytes. Although the concentration 
varies through a range of 10^, Ky remains fairly constant. The Ostwald 
dilution law has been confirmed by an extremely extensive mass of 
data. Reference to the numerous tables in Landolt-Tornstein or other 
books of reference will show that an extremely large number of weak 
organic acids and bases obey the law of mass action in. the concentration "" 
range for which its derivation is vabd. 

The limits of accuracy of the Ostwald dilution law are illustrated by 
the recent data of Kendall! | We shall again take acetic acid in water 
at 25° as an example. Table 8 contains the values of Ky calculated by 
using the recent value for obtained by Kraus and Parkerf"}* (392), 
as well as the values originally calculated by Kendall using == 387-9. 
The latter value has also been used by Ostwald in Table 6, but is too 
low according to Exaus and Parker. It is apparent from Table 8 that the 
Ky values rise gradually with increasing concentration. This tendency 
is extremely marked in the case of strong electrolytes, as we shall show 
later.Jf Organic acids stronger than acetic acid show a correspondingly 
greater rise in the values of Ky. This is illustrated by the figures for 
cyanacetic acid also given in Table 8. 

t Wilh. Ostwald, 2 (1888), 35, 270;3(1889), 170, 241, 418;M. Planok, 

WM. Ann. 34 (1888), 139. 

t G- Bredig, Z. phys. Ghein. 13 (1894), 289; H. Q. Goldschmidt and R. Salcher, ibid. 
29 (1899), 89. 

§ The Ostwald dilution la’wr is valid for weak electrolytes up to about Od N. See H. C. 
Jones and G. F.WMte, Am. Ohem. J. 42 (1909), 520; H. C. Jones and E. P. Wightman, 
ibid. 46 (1911), se- 
ll J. KendaU, J. Ohem.Soc. 101 (1912), 1275. 

tt C. A. Kraus and H. C. Parker, J. Am. Chem. Soc. 44 (1922), 2429. See also D. A. 
Meinnes and Th. Skedlovsky, J. Am. Ohem. JSoc. 54 (1932), 1429. 

tt See p. 41. 
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Table 6 

Te^t of the OsttoaZd dilution lato. Acetic acid in water 
t = 18° C. 


y moles per litre 

A 

lOOA 

lOOcX — — r 

Aoo 

1— a 

Ay = — r“T 

r d 

0 

349*5 

.. 


0-0001 

107*0 

30-6 

1*31x10-5 

0-001 

41*0 

11-8 

1*50x10-5 

0-01 

14*3 j 

4-1 

1*70x10-5 

0-1 

4*6 i 

1-32 

1*70x10-5 

1 

1*32 

0-38 

1-40x10-5 


Mean 1*52x10“® 


t = 25° C. 



A 

Ky 

0*989 

1-443 

1-405 X 10-® 

1-977 

2-211 

1*652x10-5 

3-954 

3*221 

1-759 X 10-5 

7*908 

4*618 

1*814 X 10-5 

15-82 

6*561 

1*841 X 10-5 

31-63 

9*26 

1*846 X 10-5 

63-26 

13-03 

1*846 X 10-5 

126-52 

18-30 

1*847 X 10-5 

253-04 

25-60 

l*843x 10-5 

506*1 

35*67 i 

1*841x10-5 

1012*2 

49-50 1 

1*844x10-5 

2024*4 

68-22 

1*853 X 10-5 

oo 

387-9 



Heaa 1*78 x 10 “® 


Table 7 


Test of the Qstwald dilution law. Ammonia in water 

<= i 8 °a 


Y 

A 

100a 

K, 

0 

238-4 

.. 


0*0001 

66 

27*7 

1*06x10-5 

0*001 

28 

11*7 

1*56x10-5 

0*01 

0-6 

4*1 

1*68x10-5 

0*1 

3*3 

1*4 

1*92x10-5 

1-0 

0*89 

0-37 

1*40x10-5 


Mean 1*51 xlO" 


We shall now turn to a furtker application of An'henius’s theory, 
which will be of value later. The scope of the classical theory is ex- 
tremely wide. It has, for example, been applied to the electromotive 

3595.7 
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Table 8 


Testofthe OstwwlddiUtionldw. Aceticand cyancicetio cccids i% water at 26°C. 



Acetda Acid 


Cya,n€Lcetic Acid 

r 

A 

K,xlO* 
(A„ = 387-9) 

ifyXlO® 
(Ao. - 3»2) 

y 

A 1 

KyXW 
(A« = 386-1) 

0-07369 

6-086 

1*845 

1-835 

0-003716 

238-7 

3*72 

0-03685 

8-691 

1-851 

1*825 

0-003005 

262-4 

3-72 

0-01842 

12-091 

1*849 

1*818 

0-001858 

282-6 

3-72 

0-009208 

16-98 

1*849 

1 1*810 

0-001503 

294-9 

3-72 

0-004606 

23-81 

1*851 

1-811 

0-0009287 

320-0 

3-73 

0-002303 

33-22 

1-849 

1-807 

0-0007515 

329*2 

3-72 

0-001151 

46-13 

1-850 

1-806 

0-0004644 

347*1 

3-73 

0-0005757 

63-60 1 

1-854 

, 1-807 

0-0003757 

353-2 

3-71 

0-0002879 

86-71 

1-855 

1-807 

0-0002322 

364-8 

3-78 


force of reversible cells Nemst and others, j and also to the eq[uili- 
brium in mixtures of electrolytes. It is always found that while weak 
electrolytes conform to the theory, strong electrolytes show deviations 
from the classical laws.f Heterogeneous ionic equilibria, the subject 
of the next section, constitutes only one of the numerous applications of 
Arrhenius’s theory to thermodynamic phenomena. 


10. Heterogeneous Ionic Equilibria. The Influence of 
Additions on the Solubility of Salts (Nernst) 


In analytical chemistry it is often, necessary to detect the presence of 
the ions of an electrolyte and to determine quantitatively the number of 
ions present. This is usually done by adding certain reagents to the 
solution to he investigated, and observing the resulting changes in the 
appearance of the mixture. This change may be due to the formation of 
ions or soluble molecules having a different colour, or to the formation 
of a sparingly soluble precipitate. In the first case we are dealing with 
a colour reaction depending upon changes of equilibrium in homogene- 
ous systems, e.g. oxidation and reduction processes, or indicator reac- 
tions. We shall here deal only with the second case, a precipitation 


t This subject will be treated from the standpoint of modern theory in tho ciiapter on 
activities. See p. 39. 

t The interpretation of the experimental data for homogeneous oquilihria on the 
bas^of the classical theory’Jcf. Z.phys.Chem. 2 {ISSS), ^S4:; 5(1890), 1 ) led to difficulties, 
as shown by Bjemum {Samml, chem. u. chem.-tech. Vcrirdge, 2 1 (1915), 1). Othor anomalies 
were found by Michaelis (see L. Michaelis andjA. G-yemant, JBiochern. Z. 109 (1920), 187). 
or fuU references to the literature on the deviations of strong ©loctrolytes from Arrhe- 

^odioaJct. w EUktroniJc, 18 
( 1), 134 , F. Auerbach, Ergebn. d. exaht. Natunu. 1 (1921), 228; K. Baars, Bandb. 

d.Phys.t,onae^ger.8cheel, 13 (1927), 397. See also the text -books referred tuonp. 10 . 
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reaction in which a solid salt takes part in the eqiiilibriam, and tlie 
system is heterogeneous. An example of such a heterogeneous precipita- 
tion reaction is 

KCl+Ag ¥03 = AgCl(soHd)+KN 03 . 

Silver chloride is precipitated i^hen the concentrations of the Ag-^* and 
01“ ions exceed a certain minimum value. The remaining ions, i.e. 
K-^ and ISTO^, take no part in the precipitation, and we can write the 
reaction more simply in terms of ions, 

Ag-^+Cl- = AgCl (solid), 

neglecting the other components. In a precipitation reaction we have 
always a solution saturated with respect to the precipitated substance. 
If a saturated solution of AgCl is in equilibrium with the solid phase 
AgCl, there will be a certain equilibrium (dependent on temperature) 
between the solid salt and the dissolved AgCl molecules, and also between 
the latter and the Ag-*- and Cl” ions in solution. We can write 
AgCl(solid) AgCl(dissolved) ^ Ag-^+Cl". 

If we apply the law of mass action (43) to the equilibrium 
AgCl((iissolved) ^ Ag+-fCl“, 
we obtain the equation 

‘yAff+ yci- “ -^y yAgCl (dissolved) - 

It has been pointed out by ISrernstt that the concentration of the un- 
dissociated molecules in solution has a definite (though sometimes 
extremely small) value, determined by the equilibrium of the solution 
with the solid phase, i.e. by the vapour pressure of the solid at the 
temperature in question. yA^ci (dissolved) is therefore constant, and we 
have from (77) 

yAg+ yci~ ~ yAgCl (dissolved) “ iP^AgCl “ COnst. (78) 

The quantity PAgci is equal to the product of the dissociation constant 
and the concentration of undissociated molecules yAgcn is termed 
the solubility product. The soluhility product should therefore be con- 
stant at constant temperature and pressure, independent of the presence 
of other ions or molecules in the solution. For sparingly soluble sub- 
stances the concentrations are very small, and it can he assumed that 
the dissolved molecules are completely dissociated. We then have the 
following very simple relation between the solubihty product and the 
solubility in moles per litre, 

yAgci (total) — yAg■^- = ycl- = • 

t W. Nemst, Z.phys. Chem, 4 (1889), 372, 


( 79 ) 
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(Por more easily solttMe sulbstances -wliiob. are not completely dissoci- 
ated p ^ 

where ot is the degree of dissociation and y the concentration in moles per 
litre at saturation.) If it is impossible to measure y directly, the specific 
conductiYity A is measured. The equivalent conductivity A* is known 
from the ionic mobilitiesf and can he identified with in very dilute 
solutions, y is then given hy the equation I 5 OOOA = where is 

the electrochemical valency. Kohlransch has carried out a very great 
number of such measurements. The solubilities and solubility products 
are known for very slightly soluble binary electrolytes in water. J Thus 
if the solubility Jj is measured in grammes of anhydrous substance per 
100 grammes solution, we ; 

where G;^ is the molecular weight of the electrolyte, and /ct the density 
of the solution. Taking as an example a solution of silver bromide 
saturated at 18°, [L) is given by 


= 8*4 X 10 ”® gm. AgBr per 100 gm. solution. 

The solubility product P is given by (78) as 2 x 10 “^^. 

We shad now consider how the solubility of a binary electrolyte is 
changed by the addition of a second binary electrolyte having a common 
ion. Let be the concentration of one of the ions of the first electrol 3 rte, 
so that in the absence of additions 


P = rf. (80) 

If the second electrolyte is now added in concentration since 

the solubility product is unaltered at the same temperature and 

press^e, P = yl(n+r.). (81) 


It is obvious that y[ < y^, i.e. the solubility is decreased. We may take 
as an example a saturated solution of AgCl in which the concentration 
of Ag+- ion has been increased by the addition of AgNOg solution. The 
value of P is about so that the addition of normal AgNOg solution 

wid depress from IQ-® to 10-^® (y^^n. = 1). 


t Tlie specific conductivity A, the equivalent concentration y*, and the equivalent 
conductivity A* are hy dejOnition related by the equation IjOOOA/y* := A*. In general 
A* is given by multiplying the sum of the ionic mobilities by the true degree of dissocia- 
tion. (See (674) and (686).) 

t See e.g. Landolt-Bomstein, ii, 1180; Ergbd. i, 662, iib, 1109. 
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Nemstf has investigated more complicated solubility effects both 
theoretically and practically, and there are many more recent studies, 
especially by A. A. Noyes.J The change of solubility -was investigated 
for the addition of salts having a common ion and salts without a com- 
mon ion. For example, it was foxmd that the eq[idvalent amotmts of 
AgNOg and KBrOg caused the same decrease in the solubihty of silver 
hromate, and in general the results obtained agree approximately with 
the predictions of the classical theory. Noyes has also investigated 
ternary salts, e.g. the decrease in the solubility of lead chloride caused 
by the addition of the chlorides of magnesium, calcium, tin, and 
manganese. 

Noyes§ has also shown both theoretically and experimentally that an 
increase in solnhility is often brought about by adding a salt not having 
a common ion. The added ions will in general combine to a certain 
extent with those of the opposite sign already present, e.g. on adding 
potassium nitrate to silver hromate a certain number of silver nitrate 
and potassium bromate molecules will be formed in the solution. In 
this particular example the number of undissociated molecules which 
can exist in the solution is relatively low, and the increase of solubility 
is therefore small. In some cases, however, very great increases are 
found, e.g. when nitric acid is added to a saturated solution of silver 
acetate. In this case large amounts of undissociated acetic acid mole- 
cules are formed since its degree of dissociation is very small, and a con- 
siderable amount of the solid silver acetate must go into solution in 
order to maintain the solubility product for the silver and acetate ions. 
The fact that many salts which are sparingly soluble in water dissolve 
readily in acids and bases is to be explained in the same way.H A similar 
effect can be observed in the action of suitable salt solutions on sparingly 
soluble acids and bases ,f f Thus calcium oxalate is very soluble in strong 
acids, hut practically insoluble in acids as weak as acetic acid. This may 

t W. JSTeriist, Z. ^hys, Ohem. 4 (1889), 372. 

t A.A.N'oyes, 6 (1890), 241; 9 (1892), 603; 16 (1895), 125 (-with C. 0. 

Abbott) ; 27 (1898), 267 ; see also R. Griessbach, ibid. 97 (1921), 22. Eor further refer- 
ences, see V. Roth.m.'und, Zoslichkeit und Loslichkeitsbeeinjlussung^ Leipzig, 1907; J. H. 
Hildebrand, Solubility, Chem. Cat. Co., New York, 1924; also standard works on physical 
chemistry and pp. 41 and 124 of the present book. 

§ Noyes and collaborators, J. Am. Chem. Soc. 33 (191 1), 1643, and subsequent papers. 

II See A. A. ISToyes and D. Schwartz, J. Aw. UAem. Soc. 20 (1898), 742 ; Noyes and E. S. 
Chapin, ibid. 20 (1898), 751 ; Z. phys. Chem. 27 (1898), 279. For further references, see 
H. S . Taylor, A System of Physical Chemistry. 

•ff See J. M. Lo’ven, Z. a-norg. Chem. 11 (1896), 404; A. A. Noyes and E, S. Cliapin, 
J. Am. Chem. Soc. 20 (1898), 751; Z. phys. Chem. 27 (1898), 442; 28 (1899), 518; E. 
Larsson, ibid. 127 (1927), 233. 
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he explained as follows. If tie lydrogen ion concentration of the solu- 
tion is so great that the product yo^oT ^ 7 ^-^ exceeds the permitted 
value, H+andHCgO^ combine to form iindissociated II2C2O4. In order 
to maintain equilibrium, fresl CgOj ions must go into the solution from 
the sold phase, and the calcium oxalate thus dissolves more and more. 
If a weak acid is added, the hydrogen ion concentration is not high 
enough to bring about the above process, and the precipitate remains 
practically unaltered. Similar reasoning applies to the solubility of 
l[g(OH)2 and Ca(OH)2 in NH4CI solutions. If the concentration of 
ions is sufficiently high, the undissociated base NH4OH is formed 
in solution, and more ]M[g(OII)2 or Ca(OH)2 dissolves to maintain the 
equilibrium. 

Strong electrolytes exhibit deviations from this classical interpreta- 
tion of solubihty effects. These deviations will now be dealt with in 
detail. It was found at an early date that the fall in solubility caused 
hy the addition of a salt containing a common ion was not so great as 
would be expected according to the classical theory. f These deviations 
lead to the conception of activity coefficients, which will be dealt with in 
the following chapter. 

t For details, see e.g. H. Karpins, X>i6 LdsUchkeitsbeeinflussicngf Dissertation, Berlin, 
1907. Cases of very great increase in solubility, e.g. AgON in KCN are due to the forma- 
tion of complex ions. We shall omit these cases from consideration. See o.g. A. J agues, 
CoTTigplea; iom in aqueous solutions) Longmans, London, 1914, and the -works on solubility 
previously quoted. 



IV 


THE DEVIATIONS OE STRONG ELECTEOLYTES EEOM CLASSI- 
CAl THERMODYNAMICAL THEORY. THE EMPIRICAL 
ACTIVITY THEORY OF G. N. LEWIS. THE THERMODYNAMICS 
OE ACTIVITIES. THE REGULARITIES OBSERVED IN THE 
ACTIVITY COEFFICIENTS OF STRONG ELECTROLYTES AT 
STJEFICIENTLY HIGH DILUTIONS 


1 1 . The Thermodynamic Anomalies of Strong Electrolytes in 
very Dilute Solntionf 

A. The impossibility oj explaining the laws governing the osmotic coeffi- 
cients by Arrheniiis’s theory. 

For a, molecule which dissocia.tes ooinpletely into v ions, van ’t Hoff’s 
eq[nation for the ideal osmotic pressure gives 

T = vnkT, (82) 

where n is the number of salt molecules per e.c. Following Bjerram|; 
we shall introduce the osmotic coefficient g as a> measure of the deviation of 
the osmotic pressime P of real solutions from the ideal value. This 
coefficient is defined by the equation 

P = gmkT (83) 

P—P 

or — -p— = 1—g- (84) 

If we introduce the van ’t Hoff factor i or the degree of dissociation 
a (according to Arrhenius’s theory) into (84) we have 

i=l-{.{y-l)a = vg (85) 

or l-j, = (86) 

V 


On introducing Ostwald’s dilution law (72), equation (86) becomes, 
for sufficiently dilute solutions. 




( 1 .- 1 ) 


(87) 


If therefore 1—^ is plotted as a function of the molar concentration 7, 
the curve obtained for binary clectrol3d:es should have a finite slope at 
the origin. Tor ternary and more complex electrolytes (1/ > 2) the curve 

t Arrhenitis himself has acknowledged these anomalies. See Conferences sur guelgices 
probMmes actuels de la oMmie physique et cosniique, Paris, 1923. 
t ISf. Bjerrum, 2>. /. Elektrochem. 24 (1907), 259. 
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should approach the origin as a tangent to the y-axis, the order of con- 
tact being higher the greater the Yalue of v. In Kg. 2 the Yalnes of 
1 — g are plotted for four salts of diflferent ionic types, the values being 
taken from the reliable freezing-point measurements of Adams, Hall, 
and Harkins. t In Fig. 2 , vy has been chosen as abscissa, since accord- 
ing to van ’t Hoff completely dissociated electrolytes with the same 
of vy must have the same osmotic pressures, the valency of the 
ions being assumed to have no effect. 
Fig. 2 shows that it is very unlikely 
that the curves for the binary electro- 
lyses KCl and MgS 04 have a finite slope 
at the origin, as required by the classical 
theory. In the case of the ternary elec- 
troljTte K 2 SO 4 and the quaternary elec- 
trolyte La(N’ 03 ) 3 , it is quite obvious 
that the curves do not conform to the 
law of mass action by becoming tangen- 
tial to the y-axis at the origin. They 
appear in fact to become tangential to 
the 1 — -p axis. Fig. 2 shows other points 
of interest, for example, the part played 
by the valency of the ions. Thus for the 
same value of vy^ KCl has a very much 
smaller value of 1—g than MgS 04 , 
the osmotic pressure of will be 

lower than that of KCl. It should also 
be noted that if the points for other 
representatives of the valency types shown in Fig. 2 were inserted, it 
would he found that at low concentrations they would coincide with 
the curves already there, e.g. the pairs KCl and NaCl, MgSO^ and CaS 04 
give the same curres. Individual discrepancies only appear at higher 
concentrations. These facts make it Yery probable that an important 
part is played hy the electric charges of the ions, which are ignored in 
the classical theory. 
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Eig. 2. Osmotic coefficients from 
free 2 ing-point measurements. 


B. I'M failure of the law of mass actioTi for strong electrolytes. 

According to the law of mass action (74) the quantity ^ should 
remain a constant. In order to test this in the case of strong electrolytes, 

t L. H. Adams, J. Am. Chem. Soc. 37 (1916), 494; R. E. Hall and W. D. Harkins, 
ibid. 38 (1916), 2658. 
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we shall take the values of the degree of dissociation a already given in 
Table 5 (p. 30) and calculate the values of a^y*/(l-~a) = Table 9 
contains the values of for some strong electrolytes at different con- 
centrations. It is ohvions that X^^ shows no constancy whatever. 
Once again we find that the behaviour of strong electrolytes is at vari- 
ance with the classical theory. 

We shall now torn to solubihty effects, and show that here also strong 
electrolytes exhibit anomalous behaviour. 

Table 9 

Valnes of = aV*/(l — oc) for various strong electrolytes 


t = 18° C., solvent -water. 


NaCl , 

KCl 

LiCl 

1 BaCls 

1 Mgsa4 

7 * 

Oi 

Ky* 

Oi 

Ky*- 

Oi 

Ky*- 

oc 

Ky* 

(X 

Kyih 

0 

1 


1 


1 


1 


1 , 


10 -* 

0-9921 

0-0123 

0-9923 

0-0128 

0-9916 

0-0116 


, . 

0-9607 

0*00235 

2 x 10 -^ 

0-9895 

0-0185 

0-9900 

0-0196 

0-9886 

0-0171 


. . 

0-9447 

0-00323 

5 x 10 -^ 

0-9836 

0-0294 

' 0-9849 

0-0322 

0-9819 

0-0266 

' 0-9678 

0-0145 

0-9109 

0-00466 

10-2 

0-9772 

0-0419 

0-9790 

0-0456 

0-9751 

0-0382 

0-9562 

0-0209 

0-8732 

0-00601 

2 x 10-2 

0-9686 

0-0598 

0-9711 

0-0652 

0-9660 

0-0549 

. . 

, . 

0-8229 

0-00764 

5 x 10-2 

0-9523 

0-0952 

0*9565 

0-1051 

0-9489 

0-0881 

. . 


0-7389 

0-01046 

10 -a 

0-9355 

0-1358 

0-9413 

0-1610 

0-9309 

0-1254 

0-8823 

0*0661 

0-6662 

0-01329 

lx 10-2 

0-9141 

0-1947 

0-9223 

0-2190 

0-9084 

0-1802 

0-8481 

0-0947 

0-5916 

0-01714 

5 x 10-2 

0-8784 

0-3173 

0-8899 

0-3597 

0-8701 

0-2915 

0-7944 

0-1535 

0-4976 

0-02464 

10-1 

0-8444 

0-4584 

0-8613 

0-6349 

0-8328 

0-4148 

0-7509 

0-2263 

0-4343 

0-03334 


C. Anomalies in the solubility relations of strong electrolytes. 

It was formerly assumed that in Nemst’s theory of solubility effects 
it was q[nite necessary to assume a constant solubility pxoduct.f This 
constancy should also be maintained in the presence of added electro- 
lytes, independent of the nature and quantity of the addition. Taking 
thallium chloride as an example, the solubility product at 1 8° should 
a,lwa7S be _ g-l x 10-\ 

or the common logarithm of lO^X P should be 

= 1 32. 

However, on adding varying quantities of KCl to a saturated solution 
of thallium chloride, it is found that the solubility product is by no 
means constant, but rises 4 As an example of these experimental 

f See p. 35. 

t This variation in th© solubility product has been observed by many Ainericaix 
workers. See e. g- A. E. Hill and J". P- Simmons, «7. Am. Chem.Soc. 31 (1909), 821 ; Hill, 
ibid. 32 (1910), 1186 ; A. A. Noyes and W. C. Bray, ibid., 33 (1911), 1643 ; Bray and 
Winningboff, ibid., 33 (1911), 1663; Hill, ibid. 39 (1917), 218; W. D. Harkins, ibid. 33 
(1911), 1807. Tor further literature, see p. 1 24 in connexion with the electrostatic theory. 
3595.7 Q 
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results, if we add 3-35 X 10-^ moles KOI per litre to saturated thallium 
chloride solution it is found that the concentration of thaUiuiu ions 
is 1 - 65 x 10 ”^ that of the chlorine ions being also 1-65 x 10-^. The 
total ioifiic concentrationi[ 

( 88 ) 

is in this case 

r= 3‘30x 10'-2+ 6-7 X 10-2 = 10-1. 



;p 12 7J, ^ ^ 2,0 z,z 

. 3. The effect of added salts on the Fia. 4. The effect of added salts on. the 

solubility product P. solubility y. 


The solubility product corresponding to the amount of added KCl 
mentioned is ^ ^ 


so that 


2•8xla-^ 

logio(Pxl 05 )p^^.j_ = 1.45. 


If we choose as ordinate logio(P x 10 ^) and as abscissa logio(X yi X 10 ^), 
the example giren aboTe corresponds to an ordinate 1*45 and an 
abscissa 2. In Fig. 3 the values obtained for additions of KCl, TLNO3, 
IQTOs, and K28O4 to TlCl are plotted in this way. The dotted hori- 
zontal line at a height of 1*32 corresponds to the requirements of the 
law of mass action. It is seen that the law of mass action is hy no means 
exactly obeyed, the solubility product depending on the nature and 
quantity of salt added. The second assumption of Kernst’s theory has 
already been dealt with in detail. J As a test of this. Pig. 4 shows the 
dependence of the concentration of the undissociated salt molecules in 


t The ionic concentration is used here in anticipation of the theory dealt with later. 
«®P-128.) :}: Seep. 35. 
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solution on the quantity 2 Vi ^ ^ slightly soluble 

salts 'TlCl, PbClg, and Ag 2 S 04 . The ordinates are logio(y x 10®) and the 
abscissae logio(2 Vi^ ^^I'Rst’s theory is represented by the hori- 
zontal dotted lines, y is in no case strictly constant. f While P al^vrays 
increases with increasing ionic concentration y may also decrease, e.g. 
in the case of TICL It is also seen that the curves are more steeply in- 
clined when the saturating salt is composed of ions of higher valencies : 
this again suggests the influence of the interionic forces, which are 
neglected in the classical theory. Many more examples of the thermo- 
dynamic behaviour of solutions could be taken, and it is alw'ays found 
that strong electrolytes behave anomalously according to the classical 
laws. J G. N- Lewis evolved an empirical theory of these anomalies by 
introducing the concept of activity, and he showed on purely experi- 
mental grounds the importance of the ‘ionic concentration’ (as deiSned 
above) for the thermodynamic behaviour of strong electrolytes. We 
shall now turn to the theory of activities. 

12. Definition of the Activity 

We shall take as an example the solubihty effects just described- For 
a slightly soluble salt, e.g. TlCl, the solubility product P is defined by 
(78). We know, however, from experiment that P is actually not always 
constant, but increases with increasing concentration of added salt. It 
might he concluded from this that only a certain fraction of the ions 
T1+ and Cl“ take an active part in the equilibrium between solid and 
solution. These fractions we shall term /n-h and /ci-- lu order to 
describe the deviations of electrolyte solutions from the ideal laws 
holding at infinite dilution, it is found convenient to retain the form of 
the ideal laws even for the real solutions. To effect this, it is only neces- 
sary to use, instead of the concentration of any ion the apparent 
concentration ^ ^ /Q(i^ 

as a measure of the chemical ‘activity’ of the ion in question. The law 
of mass action and related formulae can then he used as before; thus 
in the case just mentioned, we write 

or, by (89) (yTn/Ti+)(7ci-/oi“) = 

•I A-rrlienias pointed out this lack of constancy in the data of A. A. Noyes for silver 
salts. See Z.phys. Chem. 31 (1899), 197, and also J.Stieglitz,<7. Aw. Ckem. ^Soc-SO (1908), 
946. 

$ For literature, see p. 91. 
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is termed the activity and/^ the activity coefficient of the ions of the 
ith sort. At infinite dilution, 

c^i == yu (92) 

i.e. fi == 1. (93) 

As tke concentration increases, becomes less tkan unity. We see 
irnmediately from equation (91) that 

— l^Tici 

wMck corresponds to the experimental facts. ActiTity coefficients of 
this Mnd were introduced by G. N. Lewis, purely as a formal conception 
and witbont reference to any theoretical considerations. Their pro- 
perties have been further studied by Lewis and Eandall| since 1912, 
and by BronstedJ since 1915, and received a theoretical interpretation 
at the hands of Debye and Huckel.§ Lewis|| introduced the activity 
in the following way. Let the thermodynamic potential of one mole of 
component A (e.g. a certain species of ion) be in the real solution, 
and let be the thermodynamic potential of one mole of the same com- 
ponent in any arbitrary standard state. Lewis then defines the activity 
a by the following relation, 

== RTloga. (95) 

The activity is thus a relative magnitude: it is usually defined so that 
for very small concentrations it becomes in the limit equal to the con- 
centration, i.e. the activity coefficient becomes unity. WhenO^ — 
a is by definition unity. Now we have previously scenff that 
represents a work term, being in fact the change of free energy per mole 
of the component in question caused by the change from one state to 
another. (The compressihihty of the electrolyte can be always neglected 
in practice.) Thus in the case of a concentration cell, the change of free 
energy is the electrical work corresponding to the electromotive force. 
Any phenomena connected directly with free energy can therefore he 
used in the determination of activities. Thus measurements of lowering 
of vapour pressure, freezing-point depressions, or the electromotive 
force of suitable cells can be used to calculate activities. O. N. Lewis 

t C. N. LevTis and M. Ranciall, Thermodynamics and ike Jree energy oj chemicoil sub^ 
stances, McGraw HiU Book Co., 1923. 

t J. N. Bronsted, n. kgLdansJce Vidensk. Selsh. Skrijter (7), 12 (1915), 241; Medd. k 
Vet. Akad, Nobel Institut, 5 (1919), no. 25 ; JD. hgl. danske Vid&nsk. math.-Jye. Medd. Ill, 
9, 1920; Lectures on Gontemporcry Developments in Chemistry, Colucnbia XJriiversity^ 
Press, 1927. § Seep. 126. 

11 O. N. Le-wis, Proc. Am. Acad. 37 (1901), 45; 43 (1907), 259; JZ. phys. Chem. 61 
(1907), 129. tt Seep. 15. 
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and. his collaborators have in this way measured the activities of numer- 
ous electrolytes and their ions, and an acooimt of their work will be 
given shortly. 'First, however, we shall investigate the part played by 
the concept of activity in thermodynamics. 


13. The Thermodynamic Potential of Real Solutions and the 
Thermodynamics of Activities 

In evolving a theory of real solutions, it is convenient to consider what 
changes must be made in the laws of ideal solutions. We have seen 
previouslyf that the thermodynamic potential must be a homogeneous 
linear function of the mole fractions. The same must therefore be true 
of the term W which must he added to the thermodynamic potential 
0 of the ideal solution, i.e. 


F = 2 Pf<"> = 2 I (96) 

O X 

where the are functions of temperature, pressure, and concentra- 
tion. We therefore have 


dW 



^ aM{°^ 


(97) 


From (37) and (96), the thexmodjmaniio potential of the real solu- 
tion is K i 

<D=2 (98) 

(T= 1 ;\=i 


If we now consider the variation in thermodynamic potential caused 
by a small arbitrary variation in the molar quantity at constant 

pressure and temperature, we have from (97) and (98) 

^•^ = 2 2 +^ 1 - ( 99 ) 

or = l X=1 

This expression can be converted to a simpler form by writing 


A 

so that SO = i 2SJ)^f“){^[°> + i2Tlog(/i°>’*r7to>)}- (101) 

0=1 A = i 

Tollowing Gibbs:} the factor 

( 102 ) 

t Se& p. 19. 

t J.W. Gibbs, Trans. Ccnnecticut Aoad. 3 (1875-8); Scientifto Papers, vol. i, Long- 
mans, 1906; Collected Works, Longmans, Green & Co., ISTew York, 1928. 
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is termed, the chemical potential of the compoaent A in the pha.se (t. 
According to (93), the chemical potential for an ideal solution is 

(103) 

The expression for a real solution (102) differs from this only in the 
replacement of the real concentration lyj^^^bythe apparent concentration 
^ solution the chemical potential of the component 
A in the phase o is thus 

^ jeriog (104) 

jg termed the activity of the component A in the phase o, and 
the corresponding rational activity coefficient. "f Introducing the 
activities the change in the thermodynamic potential of the real 
solution becomes 

2 isilf<-M->+i?I’loga(-)}. (105) 

o-=i A= 

The relation of this formula to Lewis’s definition follows from the 
fact that in the standard state is unity. The change of thermo- 
dynamic potential in the standard state is therefore 

a=l X=1 

and we can write for the real solution, 

8(D = S<D0-f 2 2 log ^ 

cr=l A=1 

or, = iJiriog( n JI (a^°'’)S<‘”). 

At equilibrium, by (12), SO = 0. 

Each reaction is further characterized by certain values for the 
(see (41)). We then obtain from (12), (106), (107), and (108), 

(7=1 X=1 

The Guldberg-Waage law of mass action can therefore be written more 
generahy, ^ ^ 

(no) 

C=1 A=i 

For the special case of a single phase, the generalized law of mass 
action can be deduced more simply from Lewis’s definition of activity 
(95). Let moles of the substance /Xg moles of the substance Ag, etc., 

t Se© p. 54 for the relation between rational and practical activity coetdcients. 


(106) 

(107) 

(108) 
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react at constant temperature and pressure to give fjL[ moles of tlie 
sutstance moles of the substance etc., so that the eq.uation 

of the reaction can be written, 

+ • ( 111 ) 

According to (95) we have : 




In order to jSnd the change of thermodynamic potential for the reaction 
we have 

= £Tlog ^^ ^'::: . (113) 

Writing now = A<& (114) 

(115) 

AO is the change in thermodynamic potential for the reaction in general, 
and the change referred to the standard state as zero. At 

equilibrium, _ ^ 

so that we have as in ( 108) 

nf^.i 

(116) 



Since AO® depends only on temperature and pressure, we have for the 
generdl law of mass action 


Kip> n 


In principle, any thermodynamic equilibrium can be used in order to 
measure activities; e.g. osmotic pressures, freezing-point depressions, 
electromotive force of concentration cells should all lead to the same 
results. Before illustrating this further we shall deal with some theo- 
retical considerations which are of assistance in interpreting these 
investigations. We shall then give a few applications of the thermo- 
dynamical relations derived above in order to illustrate the significance 
of activity coefficients. In practice it is necessary to differentiate 
between processes involving transfer of the solvent and processes 
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involving transfer of tlie solute. The frst type includes osmotic pxes- 
sure^ freezing-point depression, boiling-poiat elevation, and lo'wering 
of vapour-pressure; the second type phenomena connected with the 
law of mass action, such as solubility, change of solubility, electro- 
motive force, etc. 


14. The Osmotic Pressure, Freezing-point Depression, Boiling- 
point Elevation, and Lowering of Vapour Pressure of Strong 
Electrolytes, and their Relation to the Activity of the Solvent 

In order to obtain the laws of osmotic pressure of real solutions, we 
must generalize the considerations of p. 21 by introducing activities 
in place of concentrations. The solvent is again the first phase, and will 
be characterized by a single dash. The solvent 0 and the solute 1 con- 
stitute the second phase (the solution). From (51) we have for the 
osmotic pressure F of the real solution, 

5S = -log(r,o/3=), (118) 


where and tjq are respectively the activity coefficient and mole fraction 

of the solvent in the solution.f We have from (38) 

so that 7]q — 1— 

Hence Poo = ~~i?Plog{(l— (^1^) 

If the concentration of the solutes is small compared to unity, 
(119) can he expanded as a series giving 




( 120 ) 


In our earlier treatment of ideal dilute solutions, we arrived at the 
equation _ 

P = ( 121 ) 


for the osmotic pressure .J Since in an ideal dilute solution /* = 1, 
logf* = 0, this appears as a special case of (120). 

The osmotic pressure of a real solution thus differs from that of an 
ideal dilute solution by the term — (J?P/DQ)log/^ and is smaller than the 
ideal osmotic pressure when /* is greater than unity. On introducing 


*1* The equation for the osmotie pressure of a real solution can. also h© obtained easily 
from equation (98) for th© thermodynainic potential and the equilibrium condition (12). 
See e.g. E. Hiickel, Mrgeh. d, exakten Naturwiss. S (1924), 199. 

$ See p. 21, formula (54'). 



( 122 ) 
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the osmotic coeflBeient q, we ha-ve from (83), (120), and (121), 

. log/f 


or, 




y = 1- 


2 '%’ 

log/? 

■ 


( 122 ') 


The osmotic coefficient g can thus be expressed in terms of the activity 
coefficient of the solvent/^. The activity is actually the more funda- 
mental conception, although the osmotic coefficient is often more con- 
venient to nse in practice. 

In exactly the same way the freezing-point depression (A^)^, the 
boiling-point elevation and the lowering of vaponx pressure of 

real solutions can be expressed in terms of the activity coefficient and 
the corresponding quantities for ideal dilute solntions, (AT)g^ 
and Ap. The following equations are obtained: 


(^T)„ (An Tvi ’ 


(123) 


K~ 




_Iog/? 

2'»2i ' 


(124) 


15. The Relation Between the Activity Coefficients of the 
Solvent and the Solute. (Gibbs’s Equation) 

Our starting-point is the equation (96) for the additional term to be 
added to the thermodynamic potential of an ideal dilute solution in 
order to obtain the thermodynamic potential of a real solution. Since 
we are now dealing with only one phase, the index o can be omitted, 
and the sum 2^ becomes a single term. We then have 



(125) 

dW 

and from (100) ^ = RTlogJ^. 

A 

(126) 

This equation gives immediately 


‘ ^log/? «log/v 

(127) 

If we now put i\ = 0, we obtain the following equation for the activity 
coefficient of the solvent in terms of the activity coefficient /? of 

the component vf ^ 

dM^ ~~ dMa 

(128) 


f We shall return later to €q[uatioiis (128) and (130). See p. 63. 
H 
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It is interestiag to note tiat the above considerations are closely con- 
nected with an eq[uation derived by Gibbs, rrom (125) and (97), 

We now form the total differential of W at constant temperature and 

^Mxdw^=: 0 , 

'IM^.dlogf^^O, (130) 

Equation (130) is known as the generalized Gibbs -Duhem-Margules 
equation. On introducing activities {ax = ^ix) it becomes 

= 0. (130') 

since 2 IX == 

The truth of the last equation follows from 

1 ’7A<^logA = 2 ’lA = 2 == 0, 

since 2 ’7A = i- 


pressure. 
Also, since 

Hence, 

or 


16. Activities from the Electromotive Force of Reversible Cells 


We shall now apply our previous considerations of the maximum exter- 
nal work available in a process to the case of a galvanic cell. In this 
case is simply equal to the maximum electrical work which the 
cell can produce. If '5 is the electrochemical equivalent (96,494 
coulombs) and the number of such equivalents which flow through 
the cell, we have when the cell is working reversibly. 


AO = — 


(131) 


where E is the electromotive force of the cell. If Eq is the e.m.f. of the 
cell in the standard state, equations (113), (114), (115), and (131) lead 
to the following general equation relating the e.m.f. and the activitiesf 




RT 


log 




(132) 


t It must be mentioned that tlie activity may refer to a hydrated ion in the solution 
and to a non-hydrated ion in the electrode. Since the ©qioilibrium between the hydrated 
and non-hydrated ions is governed by the generalized law of mass action (117), the 
activity of the solvent will also occur in the expressions derived. See KT. Bjerrum, 
Z. anorg. Chem. 109 (1920), 275; Z.phys. Chem, 104 (1923), 406 ; E. Hiickel, Fhi/s. Z. 26 
(1925), 99 j L- Ebert, Handbuch d. Experime'ntal^hysik. 



§16] ACTIVITIES FROM E.M.E. OF BEVEESIBLE CELLS 51 
This relation is of very widespread application. It can, for example, 
Ibe applied to cells for which the electromotive force depends only on 
the nature and state of the electrodes. Tims Richards and Baniels'f 
investigated a cell containing two different thallium amalgams. They 
were able to show that the simple Nernst equation (obtained by re- 
placing the activities in (132) by concentrations) is not valid. Such 
discrepancies between the classical theory and experiment can be ex- 
pressed in terms of activities. 

17. The Activity and Activity Coefficients of Strong ElectrolytesJ 
We shall now apply the generahzed law of mass action (117) to simple 
binary electrolytes. The activity of the undissociated part of the dis- 
solved electrolyte will be termed a^, and that of the cation and anion 

and a_ respectively. (117) then becomes 

^ (133) 

where is constant at constant temperature and pressure. In practice 
the effect of pressure can be neglected. Equation (133) takes no account 
of the part played hy the solvent, which is permissible up to moderately 
concentrated solutions. The interaction between the molecules or ions 
of the electrolyte and the solvent molecules can he approximately ex- 
pressed by means of mean hydration numbers. Most methods give 
directly the activity of the solvated forms. At infinite dilution the 
activity of any ion is equal to the molar concentration of that 
ion, which is equal to the molar concentration of the binary electro- 
lyte if we assume (with Lewis) that dissociation is complete. We 
shall follow the practice of Lewis and his school by defining the 
molar concentration or molarity as the number of moles dissolved 
in 1,000 gm. water, which will be represented by m. In the case 
of strong electrolytes we have no reliable information as to the con- 
centration of the undissociated salt present. We shall therefore choose 
the standard state so that in equation (133) is equal to unity. This 
is allowable since the activities always contain an indeterminate factor 
independent of concentration, and the normalizing factor can he in- 
cluded in the part of the chemical potential which is independent of 

f T. W. Richards and F. Daniels, J. Am. Chem.Soc. 41 (1919), 1732; ef. Lems and 
Randall, ibid. 43 (1921), 233. Further applications of (132) to strong electrolytes will 
he dealt with later. Biscrepaacies between Nemsfc’s equation and experimental results 
had also been found mach earlier by Bjerriini, /, Elekirochem. 17 ( 1911), 392. 

% See Lewis and Randall’s Thermodynamics, also the detailed account in Jelliuek s 
Lehrhuch der physikctlischen Chemie, vol. iii, p. 562, 1930. 
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concentration, cf. (102). We thus define the activity of the Mnary 
electrolyte as being eq[nal to the product of the activities of its 
iouB.i.e, a^a^ = €L^. (134) 

At infinite dilution the concentrations of cations and anions are equal, 

= a_ = a|. (135) 

If we introduce the geometric mean of the two ionic activities^* 

(136) 

we have from (134) (137) 

even in concentrated solutions. 

The mean ionio activity divided hy the molar concentration m is 
termed the activity coefficient/' of the electrolyte, J i.e. 

m 

If we are dealing with ions of higher valency, e.g. LaClg or the 

relations corresponding to (137) and (133) are somewhat more com- 
plicated. If the molecule dissociates into v ions, positive and 
negative, the equihhrium condition is according to (117) 

(139) 

and the mean value of the two ionic activities is given by 

(140) 

The activity coefficient/' must now be suitably defined. If, for ex- 
ample, we are dealing with a very dilute solution of LaClg, we have 

= m, = 3m 

= {m(3m)^}i = 

If we define the activity coefficient by the equation 

ft _ 

•' Pm" 

“f Although it is coavenient to introduce the activity coefficients of th© individual 
ions, they can never h© determined experimentally, since on account of the condition 
of electric neutrality iu each phase, it is the uudissociated molecules aud not the ions 
which are the true independent components. If it were possible to deterinine th© 
potential of single electrodes, indLividual ionic activities could be calculated. For litera- 
ture, see p. 71. 

X The dash in /' signifies that the activity coefficient refers to the molarity con- 
centration scale. Cf. p. 63. 
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it will become unity at infkute dilution. In general we shall define the 
activity coefficient by the equation 





(141) 


The meaning of tMs definition appears more clearly if we introduce the 
activity coefficients of the indiTidnal ions according to the equations 


(t. 




/4=^, fL = ^, (142) 

where and m_ are the stoichiometric molarities of the solution with 
respect to the positive and negative ions. If we define a mean molarity 
of the ions (corresponding to the mean activity) by 

(143) 

the relations m_ = v_m (144) 

lead to the expression 

— m(y^ (145) 

Introducing (141), we then hare 




m 


which may he more conveniently written as 

log/ 1 . 


(146) 


18. Rational and Practical Activity Goefi&cients 

Before going into the regnlarities revealed by an experimental study of 
the activity coefifieients of electrolyse solutions we shall discuss the 
relation between the thermodynamic system of activity coefficients and 
the system generally used in practice. In the thermodynamic equations 
in their original form, concentrations are expressed as mole fractions 
and the activity coefficient// may be defined as the factor by which the 
concentration terms in the laws of ideal dilute solutions must he 
multiplied in order that the same laws may hold for real solutions. 
These activity coefficients /f are termed rational activity coefficients. 
The activity coefficients most used in practice differ from these and are 
termed practical activity coefficients. This is due to the fact that con- 
centrations are not usually expressed as mole fractions but as moles per 
litre of solution ( 7 ^) or moles per 1,000 gm. of solvent {yrii). Practical 
activity coefficients thus differ from rational activity coefficients by 
a factor depending upon the relation between and or We shall 
therefore derive the relations existing between these three concentration 
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scales. t Let V be the Tolume of the solution in c.c. and d its density. 
Let the various species present he designated by 0, 1,...,^,...,^, the 
corresponding number of molecules of each species being 

AT AT JV. TV 

Then if N is Loschmidt’s number (6-06 x 10^^), the number of moles of 
each species present is 

^0 ^ ^ 


Finally, let the molecular weights of the various species be 

Gq, 

The mole fractions are then defined by (38), 

N, N,/N 


Vi- 


i=i N 


iV„ , 4-^ 
N 


The concentration in moles per litre of solution is given by 

y, = Al.OOO, 

and the concentration in moles per 1,0(>0 gm. solvent by 

We also have for the density of the solution, 

, V 


■NiGi 


d 


N 


(147) 

(148) 

(149) 

(160) 


These four equations give the following relations between the different 
concentration scales: 

n = rh: — . (151) 


‘+2i 




m,- 


li 


i = i 
Yi 


,000 




,000 




oTz 


1,000 


i = l 

t Cf. A. Macfarlane and 0. Gatty, Phil. Mag. 13 (1932), 283, 291. 


(152) 


( 153 ) 
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= 1 

^ 1,000 


(153') 


These relations hold quite generally. For snflaciently dilute solutions 
concentrations measured in tke three scales are proportional to one 
another, according to the following equations. 


1,000 1,000 ^ ^ 

is the molar yolume Dq of tke solvent. For water, = !,»(>= (?o, 
so tkat in this case and are identical at s uffi ciently low concen- 
trations. 

Tke activity must be independent of tke concentration scale nsed. 


This gives 


so tkat 


■nJi = Vdi = 


__ ffGp 
■'* 1,000 




‘+«- 2r 


We have already seen tkat activity coefficients are only relative, and 
may te multiplied by a constant factor independent of concentration, f 
(Tke logarithm of this factor can he included in the term of equation 
(98).) We shall normalize and/^ so that on approaching zero concen- 
tration they become equal to /f . At low concentrations, however, the 
three concentration scales give values directly proportional to one 
another, so that if we are to have 


the following relation must hold 


fsji yj ^0 
^ l,000£?n 


■-Si = S’i> 




according to (154) and (155) ; that is, the activity coefficient must 
be multiplied by 1 ,OOOc?o/(to in order to obtain tke practical activity 


•j- See p. 51. 
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coefificients/j and/;. If we write in general. 






000 


/;=/? 


[§ 18 
( 159 ) 


( 160 ) 


i=l 

/■£> /f 5 fcecome identical at infinite dilution, and haTe practicall7 

identical values in sufficiently dilute solutions. f 

19. The Experimental Determination of the Activity of Strong 

Electrolytes 

The experimental determination of the activity of strong electrolytes 
has been studied systematically since 1907 by G. N. Lewis and his 
collaborators.:!: We shall consider here a few of the most frequently 
used methods for determining activities. While any thermodynamic 
property can be used for this purpose, especially accurate results are 
obtained from measurements of electromotive force, freezing-point 
depressions and solubilities. 

A. Determination of activities from the mpour pressure of the electrolyte. 
From the definition of the thermodynamic potential (15) we have 

T 

where V is the volume. For an isothermal process, this gives 

(161) 

We can apply this equation to a substance which exists in two different 
states at the same temperature but different pressures. Let the pressure 
and volume in the first state be and and in the second state p^ 
and Yjq, The difference in thermodynamic potential is then 

B 

(161') 



t A number of numerical examples have been worked out by C. Hiickel {Physikal. Z, 
26 (1925), 93). He finds that for mono -mono valent electrolytes, // and /f differ by less 
than ^ per cent, for y — 0-1, and by about 1*7 per cent, for y = 1 . 

t See Lewis and Randall’s CrheTTnodynarnics, and the section by H. S. Hamed in 
H. S- Taylor’s System of Physical Chemistry,, 2nd edition, voL i, p. 731, 1931. Cf. also 
Randall, Trans. Farad. Soc. 23 (1927), 502. For bibliography, see K. Jellinek, Lehrb.d, 
physikal. Ohem.t 1st and 2iid editions, vol. iii, pp. 521 and 708, 1929. 
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We stall now apply this equation to a vapour which behav^es as a 

perfect gas. If we identify the irolume V with the molar Tolume o, 

, HTdp 

TO dp = ^ , 

P 

B 

SO that r D = jRTlog-^. (162) 

If we compare this with (95), we see that in this case the activity is 
identical with the vapour pressxire, so that if we are dealing with 
sufficiently volatile electrolytes, their vapour pressures can be used to 
measure their activities. As an example, we may take the results of 
Bates and Kirschman"f on the vapour pressures of the three hydrogen 
halides in aqueous solution at 25° C. The activity ^2 of the nndissociated 
acid is proportional to its vapour pressure. The mean activity coefficient 
of its ions is given by (137) as 

is proportional to 

i.e. ^ = k’f. 

m 


The limiting value of p^m in very dilute solutions gives the value of 
Jc', since the activity coefficient becomes unity. In this case it is 
impossible to obtain values for the vapour pressure in very dilute solu- 
tions, and recourse must be had to other methods, e.g. freezing-point 
depression. f 


B . Determination oj activities from the vapour pressure of the solvent. 

It is also possible to obtain the activity of the solute from that of 
the solvent, aQ. We employ equation (130'), which in this case becomes 

J dlog ^2 = — j" ^ <?log ag. (164) 

This equation enables us to use, for example, measurements of the 
vapour pressure of water over electrolyte solutions to calculate the 
activity a^. If the vapour pressure of pure water is the activity of 
the solvent is given by (95) and (162) as 


0 


Pc 

Po 


(165) 


f S. J. Bates aad H. D. Kirschman, J. Am. Ckem. Soc. 41 (1919), 1991. For further 
examples (aUkali halides), see J. N. Pearce and A. E. Nelson, J. Am. Chem. Soc, 57 
(1932), 3544. J. V. Butler {Proc. Roy, Soc. 129 A (1930), 519) has used this method to 
determine the activities of LiCl in alcohol- water mixtures. 

$ See* p. 62 . 
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Eoiowing the mole fractions r)Q and r]^, (164) can be integrated graphically 
to give ag* R-andall and Whitet have used this method to calculate the 
activity coefficients of KCl from measurements of Lovelace, Trazer, 
and Sease4 GrolLmann and Lrazer§ have used in the same way the 
results of Brdnsted|| on the vapour pressure of water over solutions of 
sulphuric acid. Similarly, Scatchardft has calculated activity coefficients 
of LiCl from the data of Lovelace, Eahlke, and Frazer.f { 

The methods so far described are very inaccurate in dilute solutions, 
which is the region which especially interests us. We shall now turn to 
the determination of activities by measurements of electromotive force 
and freezing-points. These methods are considerably more accurate in 
dilute solutions. 

C. DetermiMtion of actwities from electromotive force mea$%reme%ts.^ 

The fundamental equation for the electromotive force of a reversible 
galvanic cell has been derived in § 16. Equation (13) may be used to 
determine the activity of an electrolyte. We shall take as an example 
one electrode consisting of mercury and solid mercurous chloride and the 
second a hydrogen electrode with a partial pressure of hydrogen of one 
atmosphere, both electrodes being immersed in an electrolyte, e.g. a 
solution of hydrochloric acid of known concentration. If the tempera- 
ture and the partial pressure of hydrogen are fixed the electromotive 
force E depends only on the molarity of the acid. According to (131), 
the change in free energy associated with the- passage of one equivalent 
of electricity is given by 

— TE. 

We now consider a combination of two such cells having different 
concentrations of HCl. Such a combination is termed a concentration 
cell without liquid junctions, since no two liquids of different compositions 
are in direct contact with one another, 

'No entirely satisfactory theory of liquid junction potentials has yet been 
proposed. The Nemst-Planck theory (W. Nernst, Z. phys. Chem. 2 (1888), 163 ; 

t IM. Randall and A. M. White, J. Am. Chem. Soc. 48 (1926), 2514. 

i B. F. Lovelace, J. C. W. Frazer, and V. B. Sease, J. Am. CMm. Soc. 43 (1921), 102. 

§ A. GroUmann and J. C. W. Frazer, ibid. 47 (1025), 712. 

11 J. hr. Bronsted, Z.phys. Ch&m. 68 (1910), 693. 

dt G- Scatchard, J.Am. Ghem.Soc. 47 (1925), 648. 

a B. F. Lovelace, W. H. Bahlb©, and J. C. W. Frazer, ibid. 45 (1923), 2930. 

§§ See G. hr. Lewis and M. Randall, Thermodynamics, and the section by H. S. Hamed 
(‘The Electrochemistry of Solutions’) in H. S. Taylor’s System of Physical Chemistry, 
vol. i, p. 731. Numerous references to the literature are given by K. Jellinek, Lehrb. d. 
physikal. Chem., vol. iii, p. 699, 1929, and by R. ICremann and R. Muller, ‘Elektromotori- 
sche Krafte’, in Osfcwaldwalden-Drucker, Eandb. d. allg. Chem., vol. viii, Leipzig, 1930. 
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M. Planck, Wiedi. A7\in. 39 (1890), 161) made it possible to calculate the poteatial 
difference in a given strong electrolyte of non-uniform concentration. At high 
concentrations the concentrations should be replaced by activities. This theory 
fails, however, when two solutions of different concentrations are in contact, since 
here there is no concentration gradient, since the concentration changes discon- 
tinuonsly. The surface of discontinuity is therefore replaced by a transition layer 
of small but finite thickness 8. The concentrations are now continuous functions, 
and the concentration gradient assumes very high values in the transition layer. 
Different expressions may now he obtained for the potential difference, according 
to the nature of the transition layer. (For the sake of simplicity, the interionic 
forces are neglected.) Planck (W'ied, Ann, 40 (1890), 561 ; Sitzungsher^ d. ^preuss, 
Ahad, d, Wiss. (1930) 367 ; (1931) 3; (1933) 3) considers the transition layer to be 
formed by diffusion from a boundary which is initially infinitely sharp, Hender- 
son phys, Chefn, 59 (1907), 118) assumes that the transition layer is continuous, 

the solution at any point in the layer being composed additively of the fraction 
of the solution 2, and the fraction 1 — -jS of the solution 1. j8 is here any function 
of the position in the layer which is zero for x = 0, and unity for x ~ B, There is 
no foundation for Henderson’s assumption that is proportional to x. This 
generalization (due to Planck) does, however, lead to Henderson’s formula for 
the potential difference. Measurements by P. P. Biachi {A. Elektrochem. 30 (1921), 
443) and V. Plettig {Ann, d. Phys. (5) 5 (1930), 735) have shown that if one solu- 
tion is carefully poured on to the other, the potential after a short interval is that 
given by Henderson’s formula. In the course of time the state of the transition 
layer will he changed by diffusion, and hence the potential wiU change (cf. Shu- 
Tsu-Chang, Ann. d, Phys. (5) 16 (1933), 513). Guggenheim (J. Am. Chem, Soc. 
52 (1930), 1315) has shown that the transition layer is only stable and repro- 
ducible when there is cylindrical symmetry. Guggenheim has also described 
experimental methods for obtaining the continuous and diffuse layers. (For 
further details of theory and experiment, see B. Taylor, J. Phys. Ghem. 31 
(1927), 1478 ; the section by H. S. Hamed inH. S. Taylor’s text-book, and Jellinek, 
Lehrbuch d. physikalischen Ohemie, 

If m and m' are the molarities of HCl in the first and second cells 

respectively, then the change of thermodynamic potential'}' caused 

hy transferring one mole of acid from m' to m is given by 

= _ '5(E-E'). (166) 

If the HCl in one cell is in the standard state, 

3)' =- OS, E' == Eo, a' = 1, ( 167) 

and hence by (166) <I> 2 , the partial niolal free energy of the acid at a 
given concentration, is given by 

= RTloga., = -H(E-EO). (168) 

Introducing the mean ionic activity, (see (137)), 

2PTloga^ = -H(E— EO). (169) 

t Following Gr. N. Lewis, a heavy bar over C>2 shows that the thermodynamic potential 
refers to one inole. 
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(169) enables us to calculate activities or direct from measure- 
ments of the electromotive force of cells of this t 7 pe. Such measure- 
ments have now been carried out in very great mirabers, especially at 
25*". Owing to the difficulty of extrapolating to infinite dilution to 
obtain the value of the relative values of a are more accurate than 
the absolute values. t 

The first measurements with hydrochloric acid were carried out by 
Tolman and Ferguson4 and the concentration range extended con- 
siderably hy ElLis§ and by Linhart.|| Using the silver silver-chloride 
electrode in place of mercury and calomel, Ifoyes and Ellisff and 
especially Linhartt J have investigated dilute solutions of hydrochlorie 
acid with great accuracy. Their results are shown in Fig. 5. Using 
common logarithms, equation (169) becomes 

0-1183 logio^t = E®-E. (170) 


Subtracting 0*11831ogioW from this equation, and introducing the 
activity coefficient 

^=f, 

m 

we have 


0-11831ogio^ = 0-1183logiof = (E+0-1183 logio^). 


At infinite dilution, 


0*11831ogio^ = 
m 


0 . 


We now write E^+O-l ISSlogi^m = E®' (U^) 

and plot E®' as a function of m^. 

According to Liuhart the limiting value of E®' at infinite dilution is 
0-2234 volt. Nonhehel§§ obtained the value 0-2228 volt, and Scatchar(l|||| 
found later 0-2226 volt. According to Randall and Youngf'ff the value 
0-2221 volt is probably more accurate. By subtracting 0-2221 from the 
ordinate corresponding to any concentration, we obtain the correspond- 


ing value of 


-0-1183logio/. 


t This constitutes the chief difficulty of the method: cf. Tables 12 and 13- More 
accurate absolute values are given by measurements of freezing-point and solubilities, 
cf. pp. 62, 69, and 128. 

t E. C. Tolman and A. L. Ferguson, J. Am. Chem. Soc. 34 (1912), 232. 

§ J. H. Ellis, J. Am. Chem. See. 38 (1916), 737. 

11 G. A. Linhart, /. Am. Chem. Soc. 39 (1917), 2601. 

tt A. A. Noyes and J. H. Ellis, J. Am. Chem. Soc. 39 (1917), 2532. 

G. A- Linhart, J. Am. Chem. Soc. 41 (1919), 1175. 

§§ a. Nonhebel, Phil. Mag. (7) 2 (1926), 1085. 

nil 0. Scatchard, J. Am. Chem. Soc. 47 (1925), 641. 

ttt M. Bandall andL. E. Young, J. Am. Chem. Soc. 50 (1928), 989. 
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The abscissa in Fig. 5, h.a<s been chosen as because at low concentra- 
tions the ordinate Taries linearly with tyi^. As will be shown later, in 
dealing with modern electrolyte theory, Debye has succeeded in calcu- 
lating quantitatively the slope of this limiting straight line.t Fig. 5 
contains the resnlts for both the silver chloride and the cells. 

On account of the difference in the values, the ordinates for the calomel 
curve are higher than those for the silver chloride cnrve by a constant 
difference of 0‘0466 volt. The activities and the activity coefficients 



Eia. 6. The e.iri.f. of the silver chloride cell at different concentrations. 


of hydrocMoric acidj can be calculated from tbe curve by equation 
(171 ). Tbe results obtained are given in Table 10. 

In Table 10 the values enclosed in brackets (/') correspond to tbe 
value E°' = 0-2234 volt used by Linbart. Using tbe more accurate 
value E®' = 0*2221 volt, the unbracketed values in Table 10 are ob- 
tained.§ Similarly, more accurate values for be 

calculated from equations (168), (169), (171), and (172), giving 

= 0-y/o^cz^j.j 

= 0-9506(^2) 

= J^Tlog^g = i^T'log(a 2 )-f-RT log 0*9506 

= (Oi-OS)~30. 

t See p. 120. 

t The activity coefficient of HEr behaves similaiiy to that of HCl ; see C. N. Lewis 
and Storeh, J. Am. Ghem. YSoc. 39 (1917), 2544; R. S. Livingston, ibid. 48 (1926), 45. HI 
has also been investigated ; see J. IST. Tearee and A, R. Fortsch, ibid. 45 (1923), 2852. 

§ These values agree well with those in Table 12. 
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Table 10 


The actimty of aq%eo%s^ hydroohloric acid solu^tions at 25® 0, 


m 

(f) 

r 

(«!:) 

(* 2 ) 


0-0005 

0-991 

0-965 

0-000496 

0-000000246 

-9,022 

0-001 

0-984 

0-959 

0-000984 

0-000000909 

-8,204 

0-002 

0-971 

0-946 

0*001942 

0-00000377 

—7,403 

0-005 

0-947 

0-923 

0-00474 

0-0000228 

-6,336 

0*01 

0-924 

0-901 

0-00924 

0-0000855 

-5,552 

0-02 

0-894 

0-872 

0-01788 

0-000319 

—4,772 

0-05 

0-860 

0-839 

0-0430 

0-00185 

—3,732 

0-1 

0-814 

0-794 

0-9814 

0-00664 

—2,977 

0-2 

0-783 

0-763 

0-1666 

0-0246 

-2,197 

0-3 

0-768 

0-749 

0-2304 

0-0530 

— 1,742 

0*4 

0-763 

0-744 

0-305 

0-0929 

-1,409 

0*5 

0-762 

0-743 

0*381 

0-145 

-1,144 

0-6 

0-770 

0-751 

0-462 

0-213 

— 917 

0-75 

0-788 

0-768 1 

0-591 

0-348 

— 625 

1 

0-823 

0-802 

0-823 

0-676 

— 232 

2 

1-023 

0-997 

2-064 

4*17 

846 


These more accurate values have been omitted from Table 10 for the 
sake of brevity. It is seen from the table that the activity coefficient 
/' of HCl is unity at infinite dilution, passes through a minimum a little 
belo'w m = 0-5, and then increases rapidly. This behaviour is fre- 
q^uently observed with strong electrol 3 rtes. The method described here 
has been applied to many other cells. 

D . Determination of the activity of electrolytes from freezing -point measure- 
ments, (Gr. N. Lewis.f ) 

(a) Dilute solutions. The determination of activities from freezing- 
point data is more accurate for dilute solutions than the methods 
described under A, B, and C. Equation (123) gives the relation between 
the freezing-point depression and the activity of the solvent, and (128) 
gives the relation between the activities of the solvent and solute. It 


t The actmty coefEcients of HCl have also been investigated in non-aq neons solution 
by measiirements of electromotive force. See e.g. P. S- Danner, J. Am. Chem. £oc. 44 
(1922), 2832 (ethyl alcohol); K. S. Hamed and M. H. Eleysher, ibid. 47 (1026), 82; 
<x. Scatchard, ibid. 47 (1925), 2098 (xnixtuLres of water and alcohol); G. Nonhebel and 
H. B. Hartley, Phil. Mag. (6) 50 (1925), 298, 729 (methyl alcohol); W. W. Lncasse, 
Z. phys. Chem, 121 (1926), 254 (methyl alcohol, ethyl alcohol, mixtures of glycerine and 
water); J. H. Wolfenden, C. T. Wright, N. L. Ross Kane, and P. S. Buckley, Trans. 
Parad. Soc. 23 (1927), 491 (methyl alcohol); J. W. Woolcock and H. B. Hartley, Phil, 
Mag. (7) 5 (1928), 1133 (mixtures of water and ethyl alcohol). 

X G. N. Lewis, J. Am. Chem. Sac. 34 (1912), 1631. This method was employed for 
dilate solutions by Lewis and linhart (ibid. 41 (1919), 1951 ) and extended to more eon- 
centrated solutions by Lewis and Randall (ibid. 43 (1921), 1112). For details, see G. N. 
Lewis and M . Randall, Thermodynamies. Numerous experimental data are given in the 
second supplementary volume to Landolt-Bdrnstein’s tables, p. 1113, 1931. 
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is thexefore possible to defcermiae the Tariation of activity with concen- 
tration by determining the freezing-point depression at different con- 
centrations. 

In developing the method of Lewis, we shall start with equation (125). 
If we write for the freezing-point depression of the real solution 

= (173) 


(123) becomes 
since 


{^)a 


1,000 


mv. 


(174) 


Differentiating 

For water = l-858v»ji and = 18-02, so that for dilute 

solutions c?log/o = —0-009696 di? (175) 

OX log/o = — 0'0D9696^. * (175') 

In dilute solutions the mole fraction of the solvent is practically unity, 
and on introducing the activity of the solvent % equation (175) becomes 

= — 0* 009696 dS* (176) 

or log (To = -O‘009696i?. (176') 

Introducing the activity of the solute (130') gives 
77o dlogao+^2 == 

G 

We also have ^2 = i"o^ 

and since LOOO/ffo water is 55*51, 

55-51 

dlogCZo. 

m 

Combining this with (176), 

<ilog«. - -5L°i(-0.009e98^») _ (HS) 

If each molecule of the electrolyte forms v ions on complete dissocia- 
tion, (140) gives 

log (*2 = logo.^'-' = dloga± ^ 

We now introduce the ahhreviation 

(18D) 
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d^d' 

then since dj = — ^ ^ + ( ^ —J tog m 

have dlog— = dlogf = —dj--j dlog m. 

tn 

Equation (181) can Ibe vmtten as 

0m ^ «i’ 


[§19 

( 181 ) 

( 182 ) 


in which form it was first derived by Bjerrnm.t 

An empirical relation between / and m can be obtained from freezing- 
point determinations, Lewis and Linhait found that the relation 

/ = B'mA (183) 

was obeyed by all salts in dilute solutions up to about m = 0-01. A and 
JB are constants for any given electrolyte. At higher concentrations the 
values of j are always smaller than those given by the above formula, 
and in many cases pass through a maximum. We shall consider here 
only dilute solutions, for which from (182) and (183) 


logio/ 


2-3034 


(184) 


Lewis and LinhartJ have used this formula to calculate the activity 
coefficients of a number of electrolytes in dilute solution. Table 12 
contains their results, together with data from other sources mostly 
calculated by the same method. Table 1 1 gives the values of A and B 
for a few of the electrolytes considered by Lewis and Linhart. 


Table 11 


Electrolyte 

KCl 

KNO 3 

KIO 3 

K 2 SO 4 

BaClg 

M 0 SO 4 

La(N 03)3 

A 

0‘635 

0*565 

0*500 

0*374 

0*364 

0*38 

0*42 

B 

0*329 

0*427 

0*417 

0*572 

0*477 

1-44 

M48 


He = Mg, Zn, Cd. 


It may be mentioned that the electrostatic theory leads to a value of 


t N.Bjerxuxa, Proo. Int. Cong. Applied Chem. (1909), section. 10 ; JZ. Blekircchem. 24 
(1918), 321. 

% Gr. N. Lewis and O. A. Lioliart, J. Am. Chem. Boo. 41 (1919), 1951. Their calcula- 
tions are based on the "very accurate Ireezing-poiat determiiiations of E. Eausrath, 
Ann. d. Physik, 9 (1902), 522; P. Q. Bedford, Proc. Boy. Boc. A, 83 (1909), 454; L.E. 
Adams, J, Am. Chem. Bog. 37 (1915), 494; W. I). Earkins and W. A. Roberts, ibid. 
38 (1917), 2676; B, E. HaU aad Harkins, ibid. 38 (1916), 2658 ; M. EandaU and A. T. 
Vanselow, ibid. 46 (1924), 2433. Further refinements in technique are described by 
G. Scatchard, P.T. Jones, and S. S. Prentiss, ibid. 54 (1932), 2676, 2690, 2696. 
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0* 5 for tke exponent A ?- The same result was arrived at as an empirical 
limiting law by Lewis and by Bronsted.^ The data in Table 1 1 do not 
lead to the constant value 0-5 for A because the solutions studied were 
not sufficiently dilute. The first data which provided a general con- 
firmation of the theoretical law were those of Bronsted and La Mer^ on 
solubility effects in very dilute solution. Table 11 also shows that the 
values of JB for mono -monovalent electrolytes are much smaller than 
those for di-divalent electrolytes. This again suggests some effect due 
to the forces between the ions, and foreshadows the electrostatic theory. 

Table 12 

The activity coefficients of very dilute solutioTis of electrolytes ( 0 *^- 2 5 ° ( 7 .) 


m = concentration in moles per 1,000 gm. HgO; Me = Mg, Zn, Cd. 


m = 

0*0001 

0*0005 

0*001 

0*005 

0*01 

KOI, NaCl 

0*993 

0*984 

0*977 

0*946 

0-922 

KCl^ 



0*961 

0*926 

0-903 

Ka® 


, , 

0*965 

0*926 

0*899 

NaCl‘ 


. . 

0*963 

0*928 

0-906 

NaCl‘ 


, , 

0*965 

0*928 

0-903 

LiCl® 


. . 

0*965 

0*927 

0-901 

HCl® 


, . 

0*965 

0*928 

0-904 

TlCl’ 

0*990 

0-979 

0-970 

0*935 

0-910 

KNO’ 

0*994 

0*984 

0-976 

0*943 

0-916 

HNO,® 


, . 

, . 

0*930 

0-905 

KIO3, NalOj 

0*988 

0*972 

0*961 

0*915 

0-882 

KjSO, 

0*935 

0-885 

0*853 

0*749 

0-687 

HjSOi* 


0*912 

0*876 

0*734 

0-648 

BaClj 

0*939 

0-894 

0*865 

0*771 

0-716 

C0CI2 

0*943 

0*900 

0*873 

0*784 

0-731 

Ba(N03)a“ 


0-915 

0*884 

0*770 

0-701 

Pb(NOa)/ 

0*964 

0-921 

0*890 

0*770 

0-692 

MeSO. 

0*85 

0-75 

0*69 

0*50 

0-40 

CdSO.“ 


0-774 

0*699 

0*476 

0-383 

K3re(CN)j 

0*922 

0-853 

0*808 

0*657 

0-571 

La(NOj)a 

0*922 

0-853 

0*808 

! 0*657 

0-571 


(6) The activity of electrolytes in concentrated solutions. The calcula- 
tion of activity coefficients for concentrated electrolytic solutions is a 

^ See p. 124. ^ J. N. Erensted, J. Am. Ckem. Soc. 44 (1922), 938. 

^ See p. 128. ^ H- Harn&d, J. Am. Chem. Soc. 44 ( 1922), 252. 

® O- Scatchard, ibid, 47 (1925), 648. Haraed and Scatcliard have used tlie results 
of E. Fliigel, Z. ^)A 2 / 6 ‘. Ohem. 79 (1912), 677, and H. JTahn, ibid. 50 (1905), 144 ; 59 ( 1907), 
33. 

® M. Randall and X. E. Young, J. Am. Chein. Soc. 50 (1928), 989. 

M. Randall and A. P. Vanselow, ibid. 46 (1924), 2418. 

® E. Abel, O. Redlich, andB. v. Lengyel, .Z. phi/s. Chem. 132 (1928), 189. 

® M. Randall and G. N. Scott, J. Am. Chem. Soc. 49 (1927), 647. 

10 V. K, La Mer and W. G. Parks, ibid. 53 (1931 ), 2040. 

3595.7 K 
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v-ery laborious process, and. we shall only deal with it briefly. G. N. 
Lewis las studied this subject with the greatest care, and it is to him 
that the concept of activity largely owes its present prominent position 
in the physical chemistry of solutions. 


The method of Lewis (which is given in Lewis and Bandall’s Thermo- 
dynamics) is briefly as follows. The generalized form of van ’t Hoff’s equation 


(44) gives 


/ glogaA 

I BT ) 


Lj^ is the partial molal heat content of the component h, usually referred to infinite 
dilution, where == 0. The activity of the solute (a^) in aqueous solution is 
&-^e,nhy __ 


d log ^2 = 


l*858w 


-f-OD0057 


ef. (177) and (179). This is sufflcient to determine the activity and therefore the 
activity coefficient. The variation with temperature of the heat dilution and of 
the difference between the specific heat of the solution and the pure solvent lead 
to corrections, which are specially important in concentrated solution. Activities 
are usually referred to a temperature other than the freezing-point (usually 25°), 
so that the equation given above must be employed. 


Lewis and his collalborators have calculated activities for a large 
number of electrolytes, the results of freezing-point measurements being 
later extended by electromotive force data. The three methods de- 
scribed above agree very welLf Table 13 gives a selection of the results 
obtained, which serves to show the characteristic change of activity 
coefficient with concentration. The activity coefficients first decrease 
with increasing concentration to a minimum value, and then increase 
again. CdClg, CdBrg, and Cdig have recently been investigated by 
Getnam, and have activity coefficients in dilute solutions differing from 
those of BaClg. This is probably due to the fact that the cadmium 
halides cannot be considered as strong electrolytes, especially Cdlg and 
CdCla, which show tendencies to complex formation even in relatively 
dilute solution. Hydrofluoric acid also behaves like a weak electrolyte 
in dilute solutions and exhibits complex formation in more concentrated 
ones. The activity coefficients of these electrolytes change with con- 
centration in a characteristic manner.^ 


t E.m.f. measuremeuts in the region of 0-001 N. can. rarely bo used for extrapolating 
to ■)/==: 0, since unavoidable sido reactions often interfere. Activity coefficients from 
e.m.f . data thus often fail to agree with those from freezing-point data in this concentra- 
tion range. Above about 0*03 N. (for mono-monovalenfc electrolytes) the two methods 
agree very well. 

t Tor numerous references, see H, Hamed in H. S. Taylor’s System of Physical 
Ghemislry. 
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Table 13 


The activity coefficients of smne electrolytes in water at 25 ^( 7 - 


m = 

9*01 

0*05 

0*1 

0-2 

0-5 

1 

3 

KCF 

0*922 

0*840 

0-794 

0*749 

0*682 

0*634 


YaCP 

0*922 

0*842 

0*798 

0*752 

0*689 

0-650 

0*704 

LiCh 

0*922 

0*843 

0*804 

0*774 

0*754 

0-776 

1*20 

HCF 

0*924 

0*860 

0-814 

0*783 

0*762 

0-823 

1*35 


0*916 

0*806 

0*732 




.. 

AgNOgl 

0*902 

0*783 

0*723 

0*655 

0*526 

0-396 

* • 

HOH2, 3. ^ 

0*901 

0*815 

0*772 

0*739 

0*723 

0-743 

1*041 

HaOHs 

0*901 

0*809 

0*765 

0*723 

0*679 

0-667 

0-812 

XiOH6 

0*899 

0*794 

0*742 

0*685 

0*602 

0-541 

0*482 

BaCy . 8. « 

0*723 

0*554 

0-495 

0*439 

0*395 

0-398 

, , 

SrClaLS.fl 

0*729 

0*571 

0*512 

0*465 

0*427 

0-449 

1*083 

cacy . 8. ® 

0*732 

0*582 

0*528 

0*492 

0*510 

0-725 

3*385 

CdCla^ 

0*532 

0*30 

, 0*219 

(0*158) 

(0*098) 

(0-065) 

- . 

CdBra^® 

0*50 

0*23 

0*17 

(0*134) 

(0*079) 

(0-053) 

(0*031) 

Cdl^^o 

0*39 

0*14 

0*09 

0*059 

0*031 

0-020 



0*720 

0*504 

0-420 

0*326 

0*233 

1 



0*721 

0*51 

0*435 

0*356 

0*267 

0-206 


BiaSO^a 

0*722 

0*522 

0*447 

0*380 

0*306 

0-267 1 



0*617 

0*397 

0*313 

0*244 

0*178 

0-150 


lMgS 04 i 

0*404 

0*225 

0*166 

0*119 

. . 



CuSO^i 

0*404 

0*216 

0*158 

0*110 

0-067 

, . 


Ba(N03)3^ 

0*571 

0*591 

0*326 

! 0*271 

•• 

•• 

■* 


Tor further data, see Lewis and Eandall, Thermodynamics, and the tables edited 
O. Redlich and P. Posenfeld in the second supplement of Landolt-Bomstein, 
ii, p. 1113, 1931. 

^ G. N. Leivis and M. Bandall, J. Am. Chem. Soc. 43 (1921), 1112. The values in. 
brackets are from W. W. Lucasse, ibid. 51 (1 929), 2597. LaClg has recently been measured 
by E. Proskauer (Diss., Leipzig, 1932); the values obtained are very close to those for 
La(N 03 ) 3 . 

2 Scatchard, ibid. 47 (1925), 648. 

3 M.Knobel, ibid. 45 (1923), 70. 

^ Pandall and Young, ibid. 50 (1928), 989. 

^ Hamed, ibid. 47 (1925), 676. 

® Hamed and E. E. Swindells, ibid. 48 ( 1926), 126. 

^ Lucasse, ibid. 47 (1925), 743. 

8 Harned, ibid. 48 (1926), 326. 

® Harned and G. Akerlof, PliysiJc. Z. 27 (1926), 411. 

^0 F. H. Getman, J. Thys. Chein. 32 ( 1928), 9 1 ; 33 (1929), 1781. Ca salts have recently 
been investigated by H. J. Eosbinder {J.Am. Chem. Soc. 51 (1929), 1345). Yew data 
have been obtained for PbCb by W. R. Carmody (ibid. 51 (1929), 2905), see also H. H. 
Crockford and H. C, Thomas (ibid. 55 (1933), 572), for the cadmiiun halides by Getinan 
(loc. cit) and by Lucasse (/. Am. Chem. jSoc. 51 (1929), 2597), and for ZnClg by Scatchard 
and R. F. Eeffb (ibid. 52 (1930), 2272). SnCL has been investigated by Randall and S. 
Murakami (ibid. 52 (1930), 3967). Silver halides and silver cyanide in HCN and YH 4 OHI 
have been recently studied by Randall and J. O. Halford (ibid. 52 (1930), 178, 192). 
Complex: formation takes place, and can be treated by the generalized law of mass 
action (117). 
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E. The. definition of activity coeffioiervts in mixtures of electrolytes. The 
determinatioTb of activity coefficients in mixtures of electrolytes by means 
of solubility measurements. The y^rincifile of ionic strength {Lewis and 
Eandall). 

We siall now deal briefly with solutions containing more than one 
electrolyte. The activity coefficient of an electrolyte in a mixtuie of 
electrolytes can be defined in a manner analogous to that employed for 
a single electrolyte. If and are the molar concentrations of 
positive and negative ions respectively in the solution, the activity 
coefficients are given by 




m. 


/i = ^- 

m_ 


If one molecule of a particular electrolyte in the solution dissociates 
into positive and negative ions, the mean activity coefficient of 
the electrolyte is defined by (146) as 

f = (/r/i''-r==^ 

where v = 

Thus in a mixture containing 0*1 N. NaCl and 0*1 IN. EaCl 2 , 


rrij^ = 0*1 for INa-^ and Ba+-^ 


while 


m_ = 0*3 for 01“. 


and for BaCL 


W4 


W4 


The mean molar concentration is thus for ISTaCl 

(0*1X0*3)^ 

_ (0* lx 0-3)^. 

The object of the first investigations of activity coefficients in mixed 
electrolytes was to discover whether the activity coefficient depended 
only on the total equivalent concentration or whether more complex 
relations held. Lewis and Sargentf were able to show that the activity 
depended only on the total electrolyte concentration. They measured 
the e.m.f . of a gold electrode in a potassium chloride solution containing 
small amounts of ferrocyanide and ferrieyanide. Harnedj: investigated 


t Lewis aad L- W. Sargent, J. Am. Chem. Soc. 31 (1909), 355. See also E. P. Schoch 
and W. A. Felsing, ibid. 38 (19L6), 1928; Linhart, ibid. 39 (1917), 615. 

% Harned, J.Am. Chem. Soc. 37 (1015), 2460 ; 38 (1916), 1986. The same considera- 
tions •were later extended to more concentrated solutions, 'where fch ©7 are no longer valid. 
See Harned, ibid. 42 (1920), 1808; 47 (1925), 648, 689; 48 (1926), Z2,e;Z. phys. Chem. 
117 (1926), 1 ; Hamed and N. J. Brumbaugh, J. Am. Chem. Soc. 44 (1922), 2729 ; Earned 
andR. 3). Sturgis, ibid. 47 (1925), 945; Hamed and E.E. Swindells, ibid. 48 (1926), 126; 
Hamed and O. M. James, J. Phys. Chem. 30 (1926), 1069; Harned and O. E. Schapp, 
J.Am. Chem. Soc. 52 (1030), 3886, 3892; Harned and G. Ikerlof, PhTjs. Z. 27 (1926), 
411; Ikerlof, J. Aw.O/tew. /Soc. 48 (1926), 1 160 ; Giintelberg, Z. phijs. Ghent. 123 (1926), 
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Sb cell consisting of a. hydrogen electrode and a calomel electrode in 
0*1 'N. hydrochloric acid in. the presence of var3^ing concentrations of 
potassium chloride. A very extensive series of measurements showed 
that in dilute solutions the activity coefficient of hydrochloric acid 
depended only on the total electrolyte concentration, and not on the 
relative proportions of the two electrolytes. Thus in solutions of NaCl up 
to 0*5 N. and of other chlorides up to 0*2 N., the activity coefficient of 
HCl is the same as in a pure hydrochloric acid solution of the same total 
concentration. It may be assumed that this principle holds good for 
other electrolytes of the same valency type. We shall, however, show 
that this limiting law is actually a special case of a more general law. 
This may be shown by the methods described above, i.e. by the deter- 
mination of activities in mixed electrolytes from electromotive force or 
freezing-point measurements. There is, however, an especially impor- 
tant method for determining activities which has led to the discovery 
of important limiting laws in dilute solutions. The method consists of 
measuring the effect of one salt upon the solubility of another, and 
has been developed especially by A. A. [Noyes and his collaborators, *{• 
Gr. N. Lewis,:]: and Bronsted.§ 

If a solid salt is in equilibrium with a solution at a given temperature, 
the activity of the salt in the solution is fixed, and cannot be altered by 
any alteration in the nature of the solution, e.g. by the addition of 
another salt. We have therefore that is constant for the salt which is 
present as a solid, and therefore by (140) a±. is also constant. (Cf. 
p . 43.) The activity coefficient of the salt is given by (146), 



199 ; Bandall and C. T. Langford, J. Am. Chem.Soc. 49 (1927), 1445; Randall and G.F. 
Breckenridge, ibid. 49 (1927), 1435. Harnad and his collaborators have later evolved 
a method for detormining the activity coefficients of weak acids and bases in salt solu- 
tions from the e.m.f.of cells without licjuid -junctions. This method eliminates the un- 
certainty of th© licjuid -liquid junction potential. See Harned and R. A. Robinson, 
J. Am. Ghent. Soc. 50 (1928), 3157; Harned and J. M. Harris, ibid. 50 (1928), 2633; 
Harned and B. B. Owen, ibid. 52 (1930), 5079, 6091; E. J*. Roberts, ibid. 52 (1930), 
3877; Harned and Ehlers, ibid. 54 (1932), 1350; Harned and C. M. Mason, ibid. 54 
(1932), 1439, 3112 ; Harned and W. J. Hamer, ibid. 55 (1933), 2194 ; Harned and H. K. 
Copson, ibid. 55 (1933), 2206. 

t A. A. Noyes, Z. phys. Chem. 6 ( 1890), 24 1 ; Noyes and W. C. Bray, J. Am. €?ie?n . Soc. 
33 (1911), 1643; Bray and W. J. IVinninghotf, ibid. 33 (1911), 1663;*^ W. D. Harkins and 
Winninghoff, ibid. 33 (1911), 1827 ; Harkins and H.M. Paine, ibid.41 (1919), 1155; Harkins 
and W. T. Pearce, ibid. 38 ( 1916), 2679. t See Lewis and Randall, Thermodyna?7i ics. 

§ Bronsted, J. Am. Chem. Soc. 42 (1920), 761 ; 44 (1922), 938. It was these measure- 
ments which later gave valuable support to Debye’s theory of electrolytes. For farther 
references, see p. 1 24. 
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and since is constant, the activity coefficient must be inversely pro- 
portional to the mean molarity of the ions, whatever alterations 
take place in. the solution. As an example we shall consider the solu- 
bility of a 1-1 -valent in presence of another l-l-valent salt having no 
common ion. In this case is simply eq[ual to the solubihty.f We 
have just shown that the activity coefficient is proportional to 1/m^, 
and the proportionality factor can thus be found by plotting l/m^ 
against the total molarity of the solution, or better, the square root of 
the total molarity, and extrapolating to infinite dilation. It is found 
experimentally that the plot against the square root of the molarity 
approximates to a straight line at high dilutions. If we call the value of 
1/m^ at infinite dilution the activity coefficient at any concen- 

tration is obtained by dividing the corresponding value of l/m^ by 
(l/m^)Q, since the activity coefficient tends to unity at infinite dilution. 

Lewis and Handallf have found a simple general rule connecting the 
activity coefficient and the ionic strength. They showed that the 
activity coefficient of a given strong electrolyte had the same value in 
all dilute solutions of the same ionic strength. The ionic strength J' is 
defined by • (185) 

where is the stoichiometric molarity of an ion i of valency in any 
solution of strong electrolytes. If 1 ]m^ is plotted against VJ', the curves 
obtained practically coincide in dilute solution. Since we have just 
shown that the activity coefficient/' is proportional to 1 will show 

a similar dependence on V/'.§ 

Lewis and Randall’s principle of the ionic strength holds only for 
sufficiently dilute solutions. BronstedH has proved thermodynamically 
from equation (130) that it must fail at higher concentrations. 

20. Summary of the Laws Found Empirically for Activity 
Coefficients in Dilute Aqueous Solutions 

We shall now give a brief summary of the laws governing the activity 
coefficients of dilute aqueous solutions, as formulated by Lewis and 
Bronsted on purely experimental grounds. It is extremely remarkable 
that both Lewis and Bronsted have refrained completely from specu- 

t In the presence of a salt having a common ion, similar relations hold. Thus it is 
found that the solubility of TlCl in the presence of 0-05 K. KCl is 0*0059. We thus have 
“ 0*0059, W- — 0*0559, and from (145), = (0*0059 X 0*0559)i = 0*0181. 

t G. N. Lewis andM. Randall, J. Am. Chem. Soc. 43 (1921), 1112. 

§ Cf. Figs. 25-8, which show in a striking manner the dependence of activity coeffi- 
cients on. the ionic strength. H See p. 315. 
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lating as to the theoretical iaterpretation of these experimental laws, 
and it was left to Debye to develop a theory vhich succeeded in explaining 
practically all the regularities established by experiment.f 

I. For dilute solutions of simple salts (up to about 0-01 N.) 

iogf= — 

jA. 

and hence l^g ~ Bm^ 

where g is the osmotic coeficieiit. The experimental values of the 
exponent A for uni-univalent electrolytes vary between 0*50 and 0*565. 
Electrolytes of higher valence types give lower values of A down to 
0*364:. Bronsted found that at very high dilutions the behaviour of an 
electrolyte was determined only by its valence type; thus for uni- 
univalent electrolytes a'Vy 

log/= — 3«Vy. 

The constant a' varies only slightly with temperature, and has empiri- 
cally the value 0*32 at 0°. 

At higher concen.trations§ deviations from the sq[uare root law appear, 
which can he approximately represented by an additional linear term, 

^•^* 1—^ = aWy — by 

logjf = —3a'\Jy-{--2by. 

b is a positive constant depending on the electrolyte. 

II. In dilute solution, the activity coefEcient of a given electrolyte 
has the same value in all solutions of the same ionic strength J', where 

j' = 

In sufficiently dilute solutions, the logarithm of the activity coefficient 
is proportional to the sq[uare root of the ionic strength. 

III. The hypothesis of independent ionic activity coefficients (which 
only possesses a limited validity ||) states that in dilute electrolyte solu- 
tion the activity coefficient of an ion depends only on the total ionic 
strength. This hypothesis enables us to calculate the activity coefficient 
of one salt from the hnown activity coefficients of the other salts. If 

-f- See p. 120, 

J In dilute solution it is permissible to replace m by y and /'by f, cf. p. 55. 

§ See p. 1 31 for additional experimental results. 

Ij It is impossible by pure thermodynamics to calculate the individual ionic activities 
from e.in.f.data. Cf.p. 52. SeeP. B - Taylor, J^. Phys. Ohem. 31 (1927), 1478; L. Oasager, 
ibid. 32 (1928), 1461; E. A. Guggenheim, ibid. 33 (1929), 842; 34 (1930), 1758. See also 
H. S. Harned in H. S. Taylor’s Treatise on Physical Chemistry^ vol. i, p. 731, 1931. 
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we make the plausible assumption that the actiyity coefficient of the 
ion is equal to that of the Cl- ion under the same conditions, it is 
possible to calculate the activity coefficients of the individual ions at 
different ionic strengths. 

Bronsted found that in dilute solutions the logarithms of the activity 
coefficients of ions of different valency in a solution of the same com- 
position were proportional to the squares of the valencies. 

It must be emphasized that while certain of the results mentioned 
rest on a purely thermodynamical basis, others are of a more hypo- 
thetical nature. Thus the methods of calculating activity coefficients 
from solubilities, electromotive force, etc., are purely thermodynamical. 
Assumption II has been shown by Bronsted to be incompatible with 
strict thermodynamics. I Hypothesis HI (the independence of activity 
coefficients) cannot be strictly true in concentrated solutions, since the 
behaviour of an ion will certainly depend upon its nature. 

We have now given an account of the most important thermodynamic 
phenomena, and the anomalies exhibited by strong electrolytes. All 
thermodynamic laws which involve (according to Arrhenius’s theory) 
the concentration will exhibit anomalies in the case of strong electro- 
lytes, since here the concentrations must he replaced by activities, as 
defined by G. N. Lewis. 

We shall now leave reversible thermodynamic phenomena, and give 
a brief account of the anomalies of the electrical conductivity of strong 
electrolytes. 


t Seep. 315. 



ANOMALIES IN THE CONDUCTIVITY OP STRONG 
ELECTROLYTES 


21. The Conductivity of Strong Electrolytes in Weak 
Stationary Fields 

A. The. variation, of conductirity vnXh concewlration in aqueous solutions. 

The failure of Ostviald’s dilution law for strong electrolytes. 

We shall now give a short account of the anomalies in the conductivity 
of strong electrolytes, first from a purely empirical standpoint. Aqueons 
solutions have been very thoroughly studied by F. Kohlransch and his 
collaborators, and also by Ostwald, Bredig, Heydveillex, Jones, Noyes, 
Lorenz, Walden, Kraus, Davies, and their eollaborators.f Table 14 
contains data for the equivalent conductivity of a number of electro- 
lytes, chosen with a view to the subsequent theoretical discussion. 

Tabld 14 

Equivalent conductivities in vxiter at 18° C. 


Electrolyte 

y* = 0 

10-4 

5x10--^ 

10 -* 

1 

X 

10-2 

5x10-2 

10-1 

0-5 

1 

5 

10 

LiCl 

98-88 

98-14 

97-19 

96-52 

93-92 

92-14 

86-12 

82-42 

70-71 

63-36 

33-3 

11*3 

LilOs 

67-36 

66-66 

85-87 

65-27 

62*89 

61*23 

56-28 

51-50 

38-98 

31*21 



LiNOs 

95-18 

94-46 

93-52 

92-87 

90-33 

88-61 

82-72 

79-19 

67*98 

60*77 



NaCl 

108-99 

108-10 

107-18 

106-49 

103-78 

101-95 

95-71 

92-02 

80*94 

74*35 

42-2 


NalOs 

77-42 

76-69 

75-83 

75-19 

72-62 

70-87 

64-43 

60-45 





Nal^Os 

105-33 

104-55 

103-53 

102-85 

100-06 

98*16 

91-43 

87-24 

74-05 




KOI 

180-10 

129-07 

128-11 

127-34 

124-41 

122-43 

115-75 

112-03 

102-41 

98-27 



KBr 

132-30 

131-15 

130-15 

129-38 

126-40 

124*43 

117-78 

114-22 

105-37 



.. 

KI 

181-10 

129-76 

128-95 

128*23 

125-33 

123-44 

117-26 

113-98 

106-2 

103-6 



KIO 3 

98-49 

97-64 

96-72 

96-04 

93-19 

91-23 

84-06 

79-67 





KCIO 3 

119-70 

118-63 

117-68 

116-92 

113-84 

111-64 

103-74 

99-19 

85-28 





KNOs 

126-50 

125-5 

124-44 

123-65 

120-47 

118-19 

109-86 

104-79 

89-24 

80-46 



Kom 

121-30 

120-22 

119-38 

118-65 

115-81 

113-95 

107-74 

104-28 

95-69 

91-61 



CsCl 

133-60 

132-3 

131-38 

130-68 

127-47 

125-2 

, . 

113-55 





Agl^Oa 

115-80 

115-01 

113-89 

113-15 

110-04 

107-81 

99-51 

94-33 

77*5 




TINO 3 

127-75 

126-62 

125-60 

124-68 

121-10 

118-39 

107-93 

101-19 





CHsCOONa 

77-4* 

(76-8) 

(75-8) 

(75-2) 

(72-4) 

70-2 

64-2 

61-1 

49-4 

41-2 

(10-5) 


NaOH 

217-4* 



208 


200 


183 


160 

20-2 


KOK 

238-5* 



(234) 

230 

228 

219 

213 

197 

184 

105-8 

44-S 

HCl 

378 



(377) 

373 

370 

360 

351 

327 

301 

152-2 ; 

64-4 

HNOa 

377 



(375) 

371 

368 

357 

350 

324 

300 

156 f 

65-4 

CH 3 COOH 

849-5* 

10'7* 

6 * 7 ' 

1 41 

20 

14-3 

6-48 

1 4-6 

2-01 

1-32 

0-2S5 i 

0-049 

Nils 

242 

(66) 

38 

28 

13-2 

9-6 

4-6 

! 3-3 

1-35 

0-89 

0-202; 

0-054 

MgC’la 

110-88 

109-43 

107-68 

106-35 

101-30 

98-14 

88-48 

i 83-42 

69-87 

61-45 

i 


CaCls 

116-69 

115-17 

113-34 

111-95 

106-69 

103-37 

93-29 

88-19 

74-92 

67-54 

35 -*6 

(11) 

CaCi^Osla 

113-56 

111-91 

109-92 

108-47 

103-03 

99-53 

88-41 

82-48 

65-70 

55-86 

21-5 i 


SKNOala 

113-42 

111-74 

109-75 

108-30 

102-72 

99-03 

87-3U 

80-93 

62-72 

52-07 

16-4 


BaCNOslg 

116-95 

115-32 

113-3 

111-72 

105-29 

100-96 

86-81 

78-94 

56-6 




IV. 2 SO 4 

132-23 

130-71 

128-53 

126-88 

120-26 

115-8 

101-93 

94-93 

7S’4S 

7V-59 



HsSOa 

384-5* 


372 

361 


309 

253-5 

233-3 





MgSGa 

113-5 

109-85 

104-16 

99-84 

84-49 

76-21 

56-92 

49-68 


28-91 

8-8 ; 


CdSO* 

113-9 

109-84 

102-93 

97-72 

79-70 

70-32 

49-60 

42-21 

28-74 

23-58 



ZdSOa 

113-5 

1(110-1) 

103T5 

98-4 

(8-2-5) 

72-75 

(53-4) 

45-34 


(26-6) 



CUSO 4 

113 -85 

109-95 

103-54 

98-54 

91-91 

71-72 

51-16 

43-85 

37-66 

25-77 



LalNOala 

125 












K4Fe(CN)s 

189 


173T 


146-9 

135-35 

108-3 

98-2 





CagEetCNla 

147 





49-9 

38-5 

35-1 





CdCls 

113-9* 




91* 

83 

59 

50 

30-8 

22-4 

i 5-3 j 


Cdig 

113-3* 




86-5 

76-3 

53-2 

44-6 

25-3 

18-3 

5-3 ! 



* Calculated from the ioiiie mobilities. The values in brackets are interpolated. 


■f Por references to the literature, see N'ote i, p. 91. 


3595 .7 
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The data are mostly taken from the book by F. KoMrausch. and L. Holborn 
(see Note 7, p. 91). The conductivity of the water has been taken into account 
and subtracted. According to Sv. Arrhenius {Z.phys, Ohem, 11 (1893), 401) and 
F. Kohlrausch {Wied, Ann. 26 (1885), 181) a simple subtraction is allowable for 



Fia. 6. The variation, of specific con- Fig. 7. The variation of equivalent con- 
ductivity with concentration. ductivity with concentration. 


salts, but not for acids and bases, which greatly modify the conductivity of the 
water. The error involved is especially important at high dilutions, and in this 
case it is essential to use extremely pure water. For a discussion of experimental 
methods and the effect of temperature and pressure on conductivity, see the 
literature quoted in Note 7, p. 91. 

Figs. 6 and Tj show the variation with concentration of the specific 

t It must be remembered that y* = Zej, A* = Ajze, A = 1,000 A/y, where Ze is the 
electrochemical valency. 
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conductiYity A and the equivalent conductivity A* for some of the 
electrolytes in Table 14. Qualitatively, the curves obtained show the 
same behaviour for all the electrolytes shown. The specific conductivity 
begins at zero, and increases with increasing concentration up to a maxi- 
mum. The concentration corresponding to this maximum varies for 
different electrolytes and in some cases, e.g. KCl and AgNOj, the maxi- 
mum is not reached since these salts are not sufficiently soluble. Acids 
and bases behave very differently to salts. With a few exceptions, salts 
give relatively well-conducting solutions, the maximum values of the 
specific conductivity being all of the same order of magnitude. Acids 
and bases, on the other hand, give conductivities ranging from very 
high values for HCl, HNOg, KOH, etc. to extremely low ones, e.g. 
phenol and hydrazine. It will be seen that a weak acid like CHgCOOH 
gives quite small specific conductivities. 

The difference between the strong and weak electrolytes appears 
clearly from Tig. 7, which shows the equivalent conductivity as a func- 
tion of the equivalent concentration. The equivalent conductivity of 
weak electrolytes decreases very rapidly with increasing concentration. 

According to Ostwald’s dilution law (75), which holds well for weak 
electrolytes, the relation between the equivalent conductivity A* and 
the equivalent concentration y* is given by 






where o' and b' are characteristic constants for each electrolyte. This 
equation fails completely fox strong electrolytes, especially in dilute 
solution. According to Arrhenius’s theory, if one molecule of an 
electrolyte dissociates into v ions, (86) and (87) give for dilute solutions, 

(^_l) (186) 

V V I\ 

where /a = A/Ao,. Thus for a binary electrolyte, 



or, from (67), A= A^o— (186") 

Ay 

The A-curves for binary electrolytes should thus have a finite slope at 
A^, while electrolytes which dissociate into more than two ions should 
give curves which become horizontal at this point. It is obvious from 
Fig. 7 that neither of these predictions is fulfilled, so that the classical 
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theory fails completely for very dilute solutions of strong electrolytes. 
It is of great interest that Kohlrauschf a,s early as 1900 proposed the 
empirical formula jV* = »"— ( 187 ) 

for very dilute solutions. This relation was found to reproduce the 
experimental data for all strong salts, acids, and bases, as may he seen 


A. 



Fig. 8. The equivalent conductivity of strong and weak electrolytes. 

from Figs. 8 and Q.f Fig. 8 shows A as a function of for several electro- 
lytes. The values for HCl and KGl are at 18 °, those for BaCl^ and 
CH3COOH at 25 °. It will be seen that the valency of the ions has a great 
effect on the curve of the (A, y^) curve, in that 1-2 valent salts exhibit 
linearity at lower concentrations than the 1-1 salts and also give steeper 
curves. These facts will subsequently he interpreted on. the basis of 

t r. Koblra-usch and M. E. Maltty, Wise. Ahh. cZ. Fhys.A&chn. Eeichsanstalt, 3 ( 1900), 

156. 

t See also Figs. 40-60. 
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Debye s theory ;“f for the present it is sufficient to state that in general 
both the range of Yalidity of (1S7) and the steepness of the curve are 
largely determined by the valency of the ions concerned. It is important 
to note that K.ohlransch s law has so far only been thoroughly verified, 
for the simplest types of electrolytes, i.e. the 1-1 valent and 1-2 valent. 
Measurements with electrolytes of higher valence types are not very 
accurate, although the changes of A with the concentration are much 
larger. Fig. 9 shows lOOA/Aao plotted against Vy* for electrolytes of 
various valency types. The curves are only linear over a considerahle 
range for the 1-1- and 1-2-valent electrolytes. 



Fig. 9- Equivalent conductivities in dilute solution. 


Weak electrolytes exhibit a very marked disagreement with Kohl- 
rausch’s law, as may be seen from the curve for CHgCOOH in Tig. 8. 

It will be seen that in the concentration range showui in Figs. 8 and 9, 
the eq[uivalent conductivity without exception decreases with increasing 
concentration. In very concentrated salt solutions the (A*,y=^) curve 
may change its direction, especially at higher temperatures and in 
non-aqueous solvents.} 

Attempts have also been made to represent the dependence of equiva- 
lent conductivity on concentration in dilute solutions by a cube root 


law of the form 




( 188 ) 


t Seep. 163. W. Ostwald {Z.phys. Chem. 1 (1887), 74), P. Walden (ibid. 1 (1887), 
529), and Gr. Bredig (ibid. 73 (1894), 191) were the first to point out this regular effect of 
the valency. The effect was first attributed definitely to the electrical forces between the 
ions by v. Laar andBjorruin (see p. 94). 

I See the references in Isfote p. 200, especially P. Walden and H. S. Taylor. 
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Ttis relation fails eoinpletely, however, for extremely dilute solutions, 
as may be easily shown by reference to experimental data.f 

B. The conductivity of non-aqueons solutions, 

Non-aqueons solutions have been much studied recently especially by 
Carrara, Dutoit, Jones, Walden, Pranklin, Ehrans, Sachanov, Gold- 
schmidt, Muller, etc 4 It is of special interest here that the square root 
law often holds for very dilute solutions in non-aqueons solvents. The 
lower the dielectric constant of the solvent, the lower the concentration 
at which the law holds. Walden has given an approximate equation for 
the smallest dilution {v = 1/y) at which the square root law holds, ac- 
cording to which jDq = 272. This relation is only valid for the so- 
called 'normar electrolytes (mostly tetra-alkylammonium salts), for 
which Walden’s. rule holds. Walden’s rule states that — const, 

when 7)q is changed by changing the solvent or the temperature, and its 
validity has been shown especially by measurements of Muller in a 
number of organic solvents. § Excellent agreement with the square root 
law is shown by the measurements of Erazer and Hartley || on the con- 
ductivity of electrolytes in methyl alcohol at 25°. 

It is interesting to compare the conductivities of a given salt in a 
number of different solvents. Fig. 10 shows the equivalent conductivity 
of tetraethylammonium picrate at different concentrations in water, 
methyl alcohol, acetone, and ethylene chloride. D is the dielectric con- 
stant of the solvent. 

Nernst and Thomsonff were the first to point out the effect of the 

t See til© reference in 1. p. 91. For empirical interpolation formula© applicable 
to moderately dilute solutions, se© R. T. Lattey {Phil. Mag. 4 (1S27), 831), and T. Shed- 
lovsky {J. Am. Ohem. Soc. 54 (1932), 1405, 1411). 

X See Note 7, p. 91, and P. Walden, Elekirochemie nichtwdssriger Eosungen, Leipzig, 
1024; R. MliUer, Mlektrochemie der nichtwdssHgen Losungen, Stuttgart, 1923 ; Chem. JRev. 
S (1931), 167 ; U. Ebert, Handbuch d. Experimentalg>hysik, vol. xii, p. 169, 1932. A special 
discussion of the specific part played by the solvent is given by H. Ulich, -Z. Elektrochem. 
39 (1933), 489. 

§ See e.g. the article by R. Schingnitz, Z. Elektrochem. 36 (1930), 861. According to 
measurements by other workers, Walden’s rule does not bold accurately even for the 
‘norniaT electrolytes. Further work is needed to clear up these discrepancies. For refer- 
ences, see Note I, p. 91, and TJlich, ‘tiber die JBeweglichkeit elektrolytischer lonen’, 
lortschr.d. Chem. 1926; Ulieh and Birr, Z. angew. Chem. 41 (1928), 443, 467, 1075, 1141. 

II J. E. Erazer and H. Hartley, Froc. Bog. Soc. 109 A (1925), 351 , 1163. 

I'l' Loc- cit. p. 5- The Nernst -Thomson rule is often obeyed, cf. e.g. B. H. Schlundt 
and R. C. Palmer, J. JPhgs. Chem. 15 (1911), 381 ; A. Sachanov and I. Frsheborowski, 
Z . Elektrochem. 20 (1914), 39; H. Joachim, Ann. d. Fhgs. (4) 60 (1919), 679. There are, 
however, other factors which influence ionization, especially the chemical nature of the 
solvent. Thus although the dielectric constant of HCN is 95, salts in HCN are bad con- 
ductors, while HBr and HI, with low dielectric constants, give highly conducting solu- 
tions with certain organic acids. See L. Kahlenberg, J. Phys. Chem. 3 (1899), 13; 



§21] CONDTJCTIVITY I]S[ WEAK STATIONARY FIELDS 79 

dielectric constant of the solvent (i>o) upon the conductivity coefficient. 
The greater Dq is, the smaller will he the Coulomb forces between the 
ions. Table 15 shows the parallelism between dielectric constant and 
conductivity coefficient for tetraethylammoninm piciate and tetra- 
amylammonixim picrate, from measurements by Waldenf. These two 
picrates are comparatively strong electrolytes, at least in solvents of 
fairly high dielectric constant. Walden J has established this parallelism 
for uni-univalent electrolytes on the basis of his own very extensive 



Pia. 10. Equivalent conductivities in different solvents. 

investigations. He has also succeeded in finding some approximately 
quantitative relationships. Thus the conductivities of solutions of a 
nni-univalent salt in various solvents v^ill be approximately the same 
if the dielectric constants of the solvents are inversely proportional to 
the cube root of the molar dilution, i.e. if is constant, we have 
approximately! and with some exceptions) j 

= eonst. - ^ . (189) 

Since it is known empirically that 1-1 -valent salts in the same medium 
at the same concentration have the same degree of dissociation, ft 

O. C. SchMer and Sehlundt, ibid. 13 (1909), 669; Saehanov, J. Buss, Pliys. Chem. See. 
42 (1910), 1363; Z. phys. Chem. 80 (1912), 1320; 1. Plotniliow- and \V. E. Kokotjaix, 
J. Russ. Phys. Chem. Soc. 45 (1913), 193. 
t P. Walden, Z. p?iys. Chem, 147 (1930), 1. 

t P. Walden, ibid. 54 (1905), 228; 55 (1996), 683 ; 70 (1910), 569; 94 (1920), 263, 374. 
§ Tor references, see Note 7, p. 91; also footnotes p. 78. 

11 S. Partington, Tirans. Barod./Soc. 15 <1919), 113 ; Kraus, The Properties of Electrically 
Conducting /Systems^New YotIsl; L.B. Turner andC, C. Bissett, J. Chem. Soc. 105(1914), 
947. ttCf-P*29. 



80 


ANOMALIES IliT CONDUCTIVITY 


[§21 

product should have the same ooustaut value for all electrolytes 
of this type. 

The simple relation (189) has no validity for salts of higher valence 
types, and matters are much more complicated in the case of acids and 
bases. Thus hydrochloric acid is an. extremely bad conductor in formic 
acid (Dq = 58-5), acetonitrile {Dq = 26), and nitrobenzene (Dq = 35), 
while it constitutes one of the strongest electrolytes in water and is also 
considerably dissociated in certain other solvents, e.g. the alcohols and 
liq^uid ammonia. The dependence on dielectric constant thus fails com- 
pletely, since the dielectric constant of alcohol is lower than that of 
formic acid. The same holds for other acids, e.g. picric and trichlora- 
cetic. These complications are due to the fact that an acid can only 
dissociate in a medium which can solvate the free hydrogen ion H+, 
giving in the solvents named above the ions CgHgOH^, and NHJ 

respectively .f 

Affairs are much more complicated in concentrated solutions, where 
maxima and minima are often observed in the curves, especially with 
solvents of low dielectric constant and weak electrolytes. An increase 
of equivalent eonduetivity with increasing concentration is often found, 
e.g. with N(C 2 ll 5 ) 4 Br in chloroform. 

Most acids and bases behave abnormally in non-aqueous solutions. 
Thus the hydrogen halides, which are very good conductors in water, 
are bad conductors in non-aqueous solvents (with the exception of the 
alcohols) and exhibit an anomalous change of equivalent conductivity 
with concentration. The majority of substances which are weak electro- 
lytes in water have not been studied in other solvents. A phenomenon 
often observed in non-aqueous solutions is that a substance is found to 
conduct in certain media although its composition is such as to make the 
formation of ions very improbable. Examples of this are Bfq in liquid 
SO 2 , ether in liquid SOgjJ and nitro and amino-compounds in liquid 
ammonia.§ These phenomena probably depend upon a purely chemical 
interaction between the solvent and the solute. 

-j- For references, see Hgill, Chem. Rev. 8 (1931), 191. W© shall not dea-1 farther with 
considerations of this kind ; see also Note 2, p. 11. 

t See P. Walden, Ber.31: (1901), 4194; 35 (1902), 1771, 2022; Z. jihys. Chem. 43 
(1903), 407; L. Bruner and E. Bekier, ibid. 84 (1913), 572; T. Henderson, E. L. Hirst, 
and A. K. Macbeth, J. Chem. Soc. 123 (1923), 1130. 

§ See E. C. Frauklia and C. A. Kraus, J. Am. Chem. Soc. 27 (1905), 191, and subse- 
quent papers. For a rewiew of the subject, see W. C. Feruelius and W. C. Johnson, 
J. Chem. Education, 5 (1028), 664, 828; 6 (1929), 20,441; 7 (1930), 981, 1291, 1602, 
1850, 2600. 
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22. The Effect of Field-Strength and Frequency on the 
Conductivity of Strong Electrolytes 

We shall now turn to two phenomena which have only heen recently 
discovered, and investigate whether they can. he explained by Arrhe- 
nius’s theory. The first is the dependence of the conductivity of electro- 
lytes upon the strength of the electric field, and the second the de- 
pendence of the conductivity on the frequency of the field. The first 
effect was discovered experimentally by M. Wien,! while the second 
was predicted theoretically by Dehye and Ealkenhagen, the prediction 
being verified experimentally by Sack. This latter effect has heen much 
studied of late, especially by Zalin, Rieckhoff, Brendel, Denhner, 
Mittelstadt, M. Wien, Malsch, and Graitner. The classical theory is 
unable to account for these phenomena, while they may be explained 
by the modern electrostatic theory. J 

A. dependence oj the conductimty of electrolytes on the electric Jleld- 

strength (Wien effect). 

(a) Experimental methods % The ordinary methods of determining the 
conductivity of electrolytes employ a field of the order of 1 volt/cm. 
The velocities of the ions are under these conditions extremely small, 
e.g. for a K-^ ion in a field of 1 volt/cm., 0*00068 cm./sec. A sodium ion 
in a field of 1 volt/cm. has a velocity of about 0* 00044 cm. /sec. and thus 
moves about 1-6 cm. in an hour. For these small velocities the current 
is proportional to the applied potential, and Ohm’s law therefore holds. 
The question now arises whether the conductivity of electrolytes remains 
constant with very high field- strengths and consequently high ionic 
velocities. This question has been studied recently by M. Wien, who 
has used fields of the order of 100,000 volts/cm. and discovered devia- 
tions from Ohm’s law, which are of great significance for the theoretical 
development of the problem of electrolytes. In these strong fields the 
ions have velocities of several metres per second. 

We shall first describe briefly the experimental arrangement used by 
Wien. A difficulty arises, because if the current continues for any 
appreciable time, the enormous heat evolution and electrolysis make it 

t 'M.Wieri.Ann.d.Fhys. (4) 83 (1927), 327; (4) 85 (1928), 795. See also p. 229. Milner 
was the first to deal with the depeadeiic© of the coiidiLCti\rity upon, the field in his 
fiondamental work on the interionic theory. 

X See p- 216. 

§ My colleague Herr Malseh has heen kind enough to look through section (a). 
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impossible to ca-rry out any measorements. The only possibility remain- 
ing is therefore to use extremely short surges of current lasting about 
10-’® seconds. 

It would, of course, be most conYcnient if the potential E remamed 
constant during the time t, corresponding to the full curve in Tig. 1 1. 
Actually, however, the potential varies in the manner represented by 
the dotted line in Fig. 11. In order to arrive at the relation between the 
conductivity and the field- strength it is possible to take the time average 





Fig. 11- Tlie variation of voltage -with time in the electric discharge. 

of the potential during the experiment and to calculate the mean field- 
strength from this and the observed resistance, f W. Fucks J has re- 
cently described a method fox determining directly the dependence of 
the conductivity upon the field- strength. The results justify the method 
of calculating the mean value employed by Malsch and Wien. The 
method used is sho\vn diagrammatically in Fig. 11 a. is the electro- 
lyte resistance to be investigated, and the electrode capacity of the 
cell. The electrodes are movable, so that the distance between them can 
be varied, is a constant resistance which does not vary with the tem- 
perature, and Cg is a variable capacity to compensate for the electrode 
capacity of the cell. The resistances and capacities must first be adjusted 
with small potential differences (for which the effect does not appear) so 
that = ^2 and = Cg. The method then consists in comparing the 
distribution of potential between AB and BG by means of an oscillo- 

t See J.Malscharid M. Wien, Ann. d. 83 (1927), 317. 

t W. Fucks, Ann. d. Fkijs. [5] 12 (1932), 306. 
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graph, from which the ratio of the resistances can he deduced. The 
maxima of the deflexions are now observed, their height being varied 
hy altering the applied potential. Fig. 11 b shows an oscillogram 



Fig. 11a. Cathode oscillograph 


obtained using barium ferrocjanide.*f 
The specific conductivity of the elec- 
trolyte fox low field-strengths ms 
4x 10“^ and the maximum field during 
the discharge was 180 kilovolts per cm. 
The upper curve was obtained by con- 
necting the oscillogram to BG, and the 
lower curve hy connecting it to the 


method of measuring the Wien 
efiect. 


electrolyte. The ratio of the deflexions 
gives the change in the resistance at a 



field-strength determined hy the posi- 
tion on the curve. The oscillogram 
shown here shows an effect of 20 
per cent, at the maximum potential. 
We shall describe briefly the experi- 
mental arrangement first devised by 
Wien and later improved by Wien and 
Malsoh. The apparatus first used is 
sketched in Fig. 12.% There are two 
circuits, the oscillation circuit contain- 
ing the electrolyte and a liquid resis- 


L 


tance for comparison, and^ the receiving 


^ circuit which is coupled inductively to 


Tfme in secs, 

Fig. 11b. Oscillogram of the Wien 
eSect for barium ferrocyanide. Con- 
ductivity at low field -strengths 
= 4-0 < 10-^(Q Maximum 

field during discharge: 180 kV. cm. 
Maximum effect; 20 per cent. 


the oscillation circuit. The inductance 
of the oscillation circuit is so chosen 
that the condenser discharges aperiodi- 
cally through a spark gap and the 
electrolyte being investigated. The 
measurement of resistance is effected 


hy observing the time integral of the heat effect produced in the 
receiving circuit hy a single discharge. The receiving circuit is aperiodi- 
cally damped and is coupled loosely to the oscillation circuit. The 
heating effect is measured with a thermo-element and galvanometer. 
The resistance being investigated is then replaced hy a known resistance 


t This oscillogram has been kindly provided hy Dr. Fucks. 

J See further 0. Moisser, JaTirh. drahtlos. Telegraphie’ und Tclephome, 22 (1923), 
204. 
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wliicli does not vary with, tke field. This latter resistance is then 
adjusted until the deflexion of the galvanometer is the same for the 
unknown and the known resistances. The potential is then increased 
hy increasing the spark-gap, and the alteration of the resistance with 
the potential can be determined. The accuracy of this method is 
about 1 per cent. Difficulties arising from the lack of constancy of 
the thermo-element have been avoided by a new null-method devised 

K.Qsi5tdnce for Comparison 

r— CZZ 




Spark-^ap Measuring vesseL 


Coupling coils 


HHHl 

Capacity 


Inductance 


to the receiving 
circuit 


Fig. 12. First method of Malsch and Wien for measuring the Wien effect. 



Fig. 13. Second method of Malsch and Wien for measuring the Wien effect - 


by Wien and Malschf which gives an accuracy of OT per cent. The 
principle of this method is illustrated in Fig. 13. I is the oscillation 
circuit, resemhling that used in the deflexion method. It contains two 
branches, one of which includes the resistance and the other the 
adjustable resistance jRg electrolyte being studied Rj,-. Each of 

these branches is coupled to one of the branches of a harretler circuit 
by means of the coupling coils Lo, M.y. {B is a battery, Q a 
mercury contact, and large condensers.) If the oscillation circuit 
is completely symmetrical, there will be no deflexion in the galvanometer 
G in the barretter circuit. is first adjusted so that no deflexion is 

f J. Malscli and M. Wien, Afin. ^ Phys. (4) 83 (1927), 305. Cf. also J. Malsch, Ann> 
d. Fhi/6. (5) 3 (1029), 803. 
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produced when Rj^ is inserted. is then replaced by R^ which is 
adjusted until there is again no deflexion. is then equal to R^, Tor 
further details, see Malsch and Wien, loc. cit. 

(6) Experimental results for the dependence of conductivity on field- 
strength. It was found that all electrolytes exhibited an increase in 
conductivity with increasing potential. If we call the specific conduc- 
tivity for very small fields Xfif and that for the high field-strength Xj,, 
M. Wien introduces the following quantity as a measure of the effect of 


the field, 


AA 




Xj^ Aq 


lOO. 


(190) 



Fig. 14. The 'variation of conductivity with field-strength. 


Changes in conductivity up to 50 per cent, were observed. The varia- 
tion of AAj^ with the field- strength E for three electrolytes of different 
types is shown in Tig. 14. The conductivity first rises slowly with in- 
creasing field, corresponding to the lower dotted part of the curves, and 
then increases approximately linearly with the field, as shown by the 
full part of the curves in Fig. 14. Finally the curves bend over again at 
high field-strengths, as shown by the upper dotted portion. The first 
dotted part of the curves, corresponding to weah fields can be repre- 
sented empirically by an equation of the type 

AA^ = AE^(1-BE^). (191) 

The following points emerge from M. Wien’s results :% 

The initial effect (AE^ in (191)) increases rapidly with the valency 
of the ions, and is approximately proportional to the product of the 

t This is normally called A (cf . § 2 1). 

t For further details and a theoretical discussion, see p. 229. 
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sq[uares of the valencies, zfzh A increases with increasing dilution, and 
is approximately inversely proportional to the square root of Aq. If the 
field is measured in volts/cm., the proportionality factor is l*74x ID*-^^. 

The second term in (191) can also be obtained with some accuracy. 
£ increases with the valency of the ion, though not so rapidly as the 
increase being more marked at high dilutions, B increases more rapidly 
with decreasing conductivity and concentration, and its mean value for 
Xq = 0-000 125 is about three times the value for Aq = 0-001. 

The following table contains the results for solutions of CoCU and 
KI in acetone solution. 


Table 16 
Solvent — acetone 



Ao = 0-0002 

0-0004 

0-0008 

C 0 C 12 

A = 0-93x10-11 

0-62x10-11 

0-39x10-11 


0-35x10-12 

0*35x10-12 

0-35x10-12 

KI 

A = 0-33x10-11 

0-33x10-11 

0-26x10-11 


J?= 0-44x10-12 

0-53x10-12 

0-53x10-12 

i 


The data in Table 16 show that for ions of the same valency, the field 
effect is considerably greater in acetone than in water. Thus for 
Aq = 0-0002, KI in water has A = 0-12x 10-“^^, and in acetone 

A = 0-33x10-11. 

The curves for AA^ resemble those for water, and can he represented by 
equation (191) the j&-coefficients being considerably smaller than those 
in water. It is reasonable to suppose that all these differences depend 
on the fact that the dielectric constant of acetone is one- quarter that 
of water. I 

We must now turn to the upper dotted portion of the curve in Fig. 14, 
corresponding to very strong fields. The field-strength at which the 
curve begins to bend downwards depends very much upon the concen- 
tration. In very dilute solutions, the initial slope is very great, after 
which the curve becomes almost horizontal. In more concentrated 
solutions the initial slope is less, but it persists up to quite high field - 
strengths and the curve bends downwards only with very strong fields . 
This is illustrated by Fig. 15, which shows the results for harium ferri- 
cyanide. The rate of increase of conductivity with field- strength always 
decreases with increasing fields, and the results seem to indicate that 
a limiting conductivity is reached at very high field- strengths. The 
limiting value is more easily reached in very dilute solutions than in 

I See further p. 232. 
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more concentrated ones, and Wien was only able to measure it in very 
dilute solutions on account of sparking through the electrolyte. It was 
found that the limiting values of the conductivity thus obtained 
eoineide with the conductivities at infinite dilution within the limits of 
experimental error. Table 17 shows the observed limiting values of the 
increase in conductivity together with the values calculated from the 
conductivity at infinite dilution. 



Fia. 15. Wien effect for "barium ferricyanide. 


Table 17 

Y* = Equivalent concentration 



^2 1 

y’^.lO^ 


AAco 



lo=2-3x10-s 


Li3[Fe(CN),] 

1.3 

0-18 

2-8% 1 


MgSO, 

2.2 

0-21 

4-0% ; 

5-3% 

Ba3[Fe(CN)e] 

2.3 

0-15 

6-2% 

7-0% 



.0=9-2x10-5 


Li3[Fe(CN)e] 

1.3 

0-74: 1 

5-5% 

4-9% 

MgS 04 

2.2 

0-93 

9-0% 

11-2% 

Ba3[Fe(CN)e] 

2.3 

0-73 

U-2% 

15’0% 


It appears from the table that the agreement is satisfactory^. 

A. Gyemant*!* has obserTed an increase of conductivity with field- 
strength in the case o£ badly conducting liquids, which is probably re- 
lated to the Wien effect. Since the liquids studied conduct so badly 
that there is very little electrolysis or evolution of heat, it was possible 
to apply a strong field for a longer period. 

According to the classical theory it is impossible to explain the Wien 

t A. Oyemant, Fhys. Z. 29 (1928), 289. 
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effect as being dae to a kydrodynamic effecfcf or the effect of a ckemical 
reaction, Tliis may be shown roughly by the following considerations. 
The heat of reaction corresponding to the dissociation of complexes, 
e.g. Ag(CN )2 or Fe(CN')6, is of the order of magnitude of 1 volt-elec tron,{ 
or 23,070 cals. The mean free path in a liquid is of the order of magni- 
tude 10“^ cm., so that a field of lO^volts/cm. will only produce velocities 
corresponding to 10~^ volt-electrons. While the energy of dissociation 
of any salt molecules present will probably be less than the figure given 
above, it will still be much greater than the kdnetic energy acquired by 
an ion. In any case this explanation would require a greater Wien 
effect at higher concentrations, owing to the presence of more mole- 
cules, whereas exactly the opposite is found experimentally. 

Weak acids and salts also exhibit a marked Wien effect, but matters 
are somewhat more complex in this case.§ 

We may refer here to an observation made by M. Wien|[ which led 
subsequently to another important discovery, the dependence of the 
conductivity upon the frequency. In his preliminary experiments on the 
deviations of electrolyte solutions from Ohm’s law, he found an effect 
which appeared at the time incomprehensible, but which has been sub- 
sequently very simply explained by the modern electrostatic theory. ff 
The duration of the electric discharge was varied through, wide limits 
by altering the capacity and inductance of the oscillation circuit, the 
damping being kept as far as possible constant by selecting a suitable 
ratio between the capacity and the inductance. Experiments with 
beryllium sulphate, hthium ferrocyanide, barium ferrocyanide, and 
calcium ferricyanide showed that the Wien effect increases with in- 
creasing duration of the discharge, the effect being especially marked 
for very short durations. For longer durations, the effect approached 
a limiting value. The great decrease observed with very short dura- 
tions is partly due to the effect of the capacity of the liquid resistance 
used for comparison, which decreases the damping. There is, however, 
clBaj* evidence that the conductivity depends on the duration of the 
discferge. 

fCf.p. 230. 

i Cf. Randall and J. O. Halford, J. J/n. C/je/N. aSoc. 52 (1930), 178. 

§ Cf. p. 234:. The explanation of this eUeet (discovered by Herr Scliiele in Wien's 
laboratory) is not yet fally cleared up. This ‘dissociation held effect’ is the chief factor at 
at high field -strengths (cf. p. 233). This interesting eft'eet offers a wide field for theoretical 
and experimental investigation. (See the theoretical treatment recently given by 
Onsager, p. 24 1.) 

il M. Wien, Awn. d. Phys. (4) 83 (11>27), 327; 85 (1928), 795. 

tt Cf. p. 181. 
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B. The variation of the conductivity of strong electrolytes with the fre- 
quency of the field. 

The dependence of conductivity upon hequency wsiS predicted by 
Debye and Balkenhagen on tlie basis of modern electrostatic theory, 
and will be dealt with later in detail in connexion with this theory.| 
Por the present we shall only describe some of the essential features of 
this dispersion effect. It is found experimentally that the conductivity 
in an alternating field increases with increasing freq^nency, the lowest 



Fig. 16. Comparison of tli© field effect and the dispersion effocfc. 


frequency at which this effect becomes apparent being about 10® per 
sec., corresponding to a wave-length of a few metres. The conductivity 
does not increase so much as in the Wien effect, and does not reach the 
value corresponding to infinite dilution. 

The increase in conductivity is easily measured, and of the same order 
of magnitude as the Wien effect. The dependence of the dispersion 
effect upon the frequency is qualitatively exactly the same as the de- 
pendence of the Wien effect upon the field-strength. The variation of 
both effects on the valency of the ions is shown in Tig. 1C. The Wien 
efiect is characterized by the quantity 




corresponding to = 0*001, ^ = 10^ volts/cm. The corresponding 

t Cf . pp. 182, 209. 
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quantity for the dispersion effect is giv^en by 

100, (192) 

-^0 

where is the conductivity corresponding to a frequency co. The 
values of AA^ given in Table 18 and Tig. 16 correspond to a frequency 
of 10® hertZj i.e. a wave-length of about one metre. It is seen that there 
is a close connexion between the Wien effect and the dispersion effecfc.f 


Table 18 


(Ao)i 8 n = 0 * 00 in“i cm.-i 


., 2^2 

i 

100 1 

100 

K 2 SO 4 

1.2 

4 

: 0-16 i 

2-3 

BaClg 

2.1 

4 

0-16 ■ 

3 

LaClg 

3.1 

9 1 

0-33 

4-4 

AlCl, 

3.1 

9 

0-23 1 

3-5 

K3Fe(CN)s 

1.3 

9 

0-42 ! 

5*1 

K 4 Fe(C]Sr )6 

1.4 

16 

0-75 I 

6 

CnSO^ 

2.2 1 

16 

1-24 

10-5 

ZnS 04 

2.2 

16 

1-27 

10-3 

Ah(S04)3 

2.3 

36 

1 1*9 

18 

Ba3[Fe(CN)eL 

2.3 

36 

2-0 

19 

Ca 2 Fe(CN )8 

2.4 

64 

3-1 

29 

BaoFe(CN )6 

2.4 

64 

i 3-2 
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1. Literature on the conductivify of solutions 

F. Kohlrausch and L. Holbom, Das Leitvermogen der Elektrolyte, 2iid edition, 
Leipzig and Berlin, 1916; P. Walden, Das Leitvermogen der Losxingen^ Leipzig, 
1924; L. Holbom, ‘Elektrolytische Leitiing’, in Graetz, Handb. d. EleMrizitdt 
w, d. Magnetismus, vol. iii, Leipzig, 1925; Ostwald-Luther-Dmcker, Physiko- 
chemische Messungen, 4th edition, Leipzig, 1925; G.Pfleiderer/Leitfahigkeitsmes- 
siangen’, in Staehler, Handb. d. Arbeitsmethoden in der anorganischen Chemie^ 
vol. iii, Leipzig, 1914 ; E. Baars, ‘Elektrizitatsleitung in Fliissigkeiten’ and "Elek- 
trochemische Messungen’, in Geiger- Scheel, Handb. d. Physik. v’ols- xiii and xvi ; 
Ch. A. Kraus, The Properties of Ele^triealhj Conducting Solutions, Chein. Catalog 
Co., New York; C. W. Davies, The Conductivity of Solutions, Wiley & Sons, 
New York, 1933 ; H. E. Jones and A. A. Noyes, Carnegie Institute Beports; J. E. 
Partington, ‘Conductance, Ionization and Ionic Equilibria’ in H. S. Taylor, 
A Treatise on Physical Chemistry, H. Hartley, O. Gatty, W. A. McFarlane, and 
D. M. Murray-Rnst, ‘The Electrical Condiictiv^ity of Solutions’, Cheni. Soc. Ann. 
Reports, 1930 ; F.H. Newman, Electrolytic Conduct ioti. Chapman & Hall, London, 
1931 ; E. Darniois, Legons sur la conductibiUtedes dectrolytes, Paris, 1 929 ; H. Jahn, 
Grwidriss der Elektrochemie, 2nd edition, 1905; H. J. Creighton, Electrochemistry, 
New York, 1925 ; M. Le Blanc, Lehrhuch der Elektrochem ie, 11th and 12th editions, 

t A parallelism between these two effects was first suggested by the author {Phys. I. 
30 (1929), 163) on theoretical grounds, and was later confirmed by Rieckhoff d. 

Phys. (5) 2 (1929), 596). Wien, in a private cominimication. to the author, has pointed 
out that this parallelism breaks dowm for very intense fields, on account of the appear- 
ance of a dissociation field effect in addition to the effect due to the ionic atmosphere. 
(Cf. the theoretical treatment on p. 236.) 
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Leipzig, 1925; G. Grlibe, Grundzilge der Elehtrochemie, 2ad edition, 1930; T. 
Foerster, Elehtrochemie wdssriger Losungeriy 4th editioa, Leipzig, 1925; and the 
section by L. Ebert, ‘Leitfahigkeit der Elektrolyte’, in Handb. d, BxpenmentaU 
physiJCf vol. xii, 1932. Numerous data are given in Landolt-Bornstein, Physi- 
kalisch’Chemische Tabellen, 5th edition, Berlin, 1923, and supplementary volumes 
1 and 2, Berlin, 1927 and 1931. An interesting study of the sources of error in 
conductivity measurements has been given by G. Jones and his collaborators. 
See Jones and R. C. Josephs, J. Am, Chem, Soc. 50 (1928), 1949; Jones and G. M. 
Bollinger, ibid. 51 (1929), 2497 ; 53 (1931), 411, 1297 ; Jones and B. C. Bradshaw, 
ibid. 55 (1933), 1780. Mclrmes and his collaborators have recently increased the 
accuracy of conductivity measurements to 9*92 per cent. For results, see p. 196. 
The historical development of electrochemistry has been treated in detail in 
W. OsimsXdLQ Elehtrochemie {Ihre Geschichte undLehre)^ Leipzig, 1906. 
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EARLY THEORIES OF THE ANOMALIES OF STRONG 
ELECTROLYTES 

23. Chemical Theories (Drucker, Roth). The Conception of 
the Complete Dissociation of Strong Electrolytes (van Laar, 
Sutherland, Liebenow, Kjellin, Noyes, Hantzsch, and 
especially Bjerrum) 

The theories proposed to explain the anomalies of strong electrolytes 
can be classified as chemical and physical. On the chemical side, numer- 
ous attempts have been made to explain these anomalies by ass umin g 
complex formation and solvation of ions. Complex formation, certainly 
takes place in many cases, and it is sometimes possible to determine the 
concentration of complex present by a combination of various methods, 
e.g. conductivity ,'e.m.f. 5 solubility and transference determinations. The 
deviations from classical theory are often reduced by taking complex 
formation into account, "j* It may, however, be easily shown that the 
assumption of complex formation leads always to a linear limiting law 
in very dilate solutions, and never to the square root law which is found 
experimentally. J A. Roth§ attempted to explain the apparent devia- 
tions from the law of mass action by taking into account the hydration 
of tie ions. Very little is yet known about hydration, so that no quanti- 
tative explanation can be attempted. Moreover, considerations of this 
kind again lead to a linear law in dilute solutions, in opposition to experi- 
ment. || 

t See C. Drucker, Z. Elek troche m. 11 (1905), 211; 17 (1911), 398; 18 (1912), 562; 10 
(1913), 8, 791;Z.phi/s. Chem.9() (1920), 381 ; Drucker and G. Riethof, ibid. Ill (1924), 1 ; 
Drucker and U. Schingaitz, ibid. 122 (1926), 149 ; Drucker, Akad. d. U'i.s.9. (II b) 138 
(1929), Suppl. 62. For further references, see JShote 1, p.91 ; also the articles by L. Ebert, 
Jahrh, d. Radioakt. 18 (1921), 134; K. F. Herzfeld, Enzijkl. d. math. Wissensch. V, No. 11 
(1921), §§ 16, 19, 24; Fr. Auerbach, Ergch. d. exakt. Naturw. 1, 228; C. Drucker, Samml. 
chem. Vortrdge, 10 (1906). 

% Cf . p. 242. § A. Roth, Z.jih^s. Chem. 79 ( 1912), 599. 

II Wo shall not deal further with these chemical theories. A few numerical examples 
will show sufficiently the great difficulties associated with their quantitative application. 
Moroov^er there is no experimental evidence for the existence of complex ions in dilute 
solutions of typical strong electrolytes such as Nad, See e.g. the investigations of 
M. Taylor, J. Am. Chem. Soc. 48 ( 1926), 599, who showed from transport detenninations 
that no complex fonnation takes place in mixtures of HCland NaCl. R. F . Schneider and 
S. A. Brayley (ibid. 45 (1923), 1121) claimed to have shown the presence of complexes, 
but it has been shown by Bjorrum {Kgrl. Danske Vid.Sehk. 6 (1925), No. 9) that their con- 
clusions are incorrect. Complex formation can of course occur in non-aqueo us solvents, 
especially in concentrated solutions. (Thus LiBr and LiCl form complex ions in acetone. 
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While the chemical theories assume the simple law of mass action to 
hold for ionic solutions, the physical theories throw doubt upon its 
validity, and seek to explain the discrepancies by taking into account 
the interaction between the charged and uncharged particles present 
in the solution. The first important step towards a quantitative theory 
was the assumption that strong electrolytes are practically completely 
dissociated, so that the equilibrium between ions and undissociated 
molecules is only of subsidiary importance. Noyes, Bjerrum,f and almost 
simultaneously HantzschJ were the first to assume complete dissocia- 
tion on the basis of the optical behaviour of coloured electrolyte solu- 
tions. The light absorbed by a given amount of solute is in many cases 
independent of the concentration, i.e. Beer’s law is obeyed. Unless the 
nndissociated molecules absorb in exactly the same way as the ions, it 
must be assumed that the degree of dissociation is practically indepen- 
dent of the concentration. Bjerrum made the simple assumption that 
strong electrolytes are practically completely dissociated, an appre- 
ciable number of undissociated molecules being only present for weak 
electrolytes. The variation of many properties (conductivity, osmotic 
properties, etc.) with concentration was explained by van Laar, Noyes, 
and Bjerrum as being due to the interaction of electrically charged ions, 
which will prevent the free motion of the ions and thereby cause the 
anomalous behaviour of electrolytes. 

Before the work of Bjerrum, Sutherland§ had attempted to explain 
the variation of conductivity with concentration on a similar basis. He 
also assumed complete dissociation, and attributed the decrease of the 
equivalent conductivity with increasing concentration to an increase 
in the friction opposing the motion of the ions, due to the electrical 
forces. A rough calculation of this effect led to an approximate agree- 
ment with experiment. It can, however, be easily shown that Suther- 
land’s derivation is not correct. || 

It may be mentioned that there are other early attempts to explain 

while Nal does not. See S. W. Sorkov, Z. phys. Cheni. 73 ( 1910), 557 ; J. W. IMcBain and 
F. C. Coleman, Trans. Farad. Soc. 15 (1919), 27 ; P. Walden, Z. phys. ( Jhcni. 123 (1926), 
467; W. Birkenstock, ibid. (A) 138 (1928), 432. 

-f N. Bjerrum, D. Kgl. JDanske Vid. jSclsk. Skrifter (7)4 (1 906), 1 ; Idroo. 1th Irit. Cong. 
Appl. Chem. London, 1909, section X; Z. anorg. (Jhem. 63 (1909), 14(> ; Fys. Tidsicr., 
Copenhagen, 15 (1916), 59; Z . EUktrocheni. 24 (1918), 321. 

t A. Hantzsch, Ber. 39 (1906), 3080, 4153; 41 (1008), 1216, 4328; Z. phi/s. Oheni. 63 
(1908), 367; 72 (1910), 362; 84 (1913), 321. See also H. Kaysor, Haridh. d. Spektro- 
skopie III (1905), 109—28; G. Rudorf , chern. w. chem.-techn . Vortrdge, 9 (1904), 1 ; 

Jahrh. d. Badioakt. 3 (1906), 422 ; 4 (1907), 380. 

§ W. Sutherland, Phil Mag. 3 (1902), 161; 9 (1905), 781; 12 (1906), 1; 14 (1907), 1 ; 
16 (1908), 497. [[ See p. 249. 
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the behaviour of strong electrol^rfces from an electrical standpoint, 
assuming complete dissociation.^ 

Specially worthy of mention is the fact that van Laar as early as 
1894 emphasized clearly the importance of the extremely powerful 
electrostatic fields of the ions. 

24, The Theories ofP. Hertz, S. R. Milner^C. Ghosh and 

Malmstrom 

P. Hertz t attempted in 1912 to calculate the effect of collisions upon 
the paths of the ions. He took into account the coulomb forces between 
the ions, and calculated the ionic mobilities by kinetic considerations. 
Neglecting the Brownian movement, the ions will move in straight 
lines, but will be deflected by the interionic forces, especially when two 
ions approach one another closely. They will thus describe hyperbolae 
of varying curvatures, just like the planets. This effect vdll slowdown 
the ions and thus account for the decrease of mobility with increasing 
concentration, 

A strict test of this theory is not possible, since certain quantities, e.g. 
the mass of an ion in solution, are not known, § If ionic masses calculated 
from the atomic weights are employed, there is no agreement between 
theory and experiment. This may he interpreted as being due to the 
solvation of ions. If the constants in Hertz’s formula which depend 
upon the ionic mass (and other quantities not directly accessible) are 
calculated empirically from conductivity measurements, the very com- 
plex function given by Hertz reproduces the data of Kohlrausch over 
a large concentration range. It thus serves well as an interpolation 
formula, II but does not agree with the experimental results for very 
dilute solutions. From a theoretical point of view it may be doubted 
whether it is permissible to transfer the considerations of the kinetic 
theory of gases to ionic solutions, especially in dealing with such con- 
cepts as the mean free path of the ions among the solvent molecules. 

Milnerl*]* obtained more reliable results in his calculation of the effect 

t See C. Liebenow, Rlektrochem. 8 (1902), 931; 11 (1905), 301; R. Malmstrom, 
Dias.^ Berlin, 1905; F. A. Kjelliii, Z. gihys. Chem. 77 (191 1), 192; J. J. van Xaar, ibid. 
15 (1894), 457; 17 (1895), 245; 18 (1895), 274; 19 (1890), 318; Arch. Mus^e Teyier, 
series II, (1900), 59; Z. anorg. Chetn. 139 (1924), 108. 

t P. Hertz, A?in. cL Phys.'si (1912), 1. 

§ It is interesting to note that Debye has recently devised a method for detemiiniiig 
the mass of the ions "by the potential differences caused by supersonic* vibrations. 
See p. 170. 

II See P. Liorenz, Mamnerfiillurig nntl lojrenbewegUc'kkeit., p, 163, Leipzig, 1922. 

, tt R.Miliiei\JPhiLMag.{Q)23 (1912), 551 ; 25(1913), 742; 35 (1918), 214, 352; Tram, 
Tarad. ^oc, 15 (1919), 148. 
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of the attractive and repulsive forces between the ions upon the osmotic 
pressure. Using statistical principles, he obtained a method for calcu- 
lating graphically the variation of the free energy of a dilute electrolyte 
solution with concentration. This is related to the osmotic pressure by 
equation (243). Milner found that for very small concentrations, 1— ^ 
was proportional to the square root of the concentration. The principle 
of Milner’s theory is identical with that of P. Debye, but the latter 
author employed a much simpler and more convenient mathematical 
method. 

The work of Ghosh^f 1918-21, attracted at the time considerable 
attention. His calculations (and those of Malmstrom) are based upon 
the following doubtful assumption. The work obtained in diluting a 
solution of a strong electrolyte depends upon the work of separation of 
two oppositely charged ions, it being assumed that the ions have a 
certain fixed configuration in the solution. The variation of the con- 
ductivity and the osmotic phenomena with concentration can then he 
calculated in the following way. 

It is known from X-ray analysis that the ions in a solid salt form 
a lattice. In solution, on account of the interionic forces, the ions will 
not he able to move freely. Only those ions having a sufficiently great 
kinetic energy to overcome the electric field will be in free motion. 
Ghosh and Malmstrom calculate the work necessary to separate the 
ions completely in the following simple manner. If two electric charges 
e and — € are at a distance r in a medium of dielectric constant Dq, their 
mutual potential energy is 


We shall consider a binary electrolyte^ such as XaCl, one gram mole 
being dissolved in volume 7. The space distribution is the same for 
both positive and negative ions, and since the volume corresponding to 
one ion is Vf^N the mean distance r between two oppositely charged 
ions is given by 

assuming the statistical distribution of the ions in solution to be given 

t J. C. Ghosh, /. Chem. Soc, 113 (1918), 449, 627, 707, 790; 117 (1920), 828, 1390; 
Trans, Farad, Soc. 15 (1919), 164; Z. phys. Cheni, 96 (1921), 211. The same law had 
previously been deduced by Malmstrom, Z. Elehtrochern. 11 (1905), 797. 

% Eor electrolytes of other types the space lattice will be different, and the expression 
for Ue wiU also he changed. The same law is, however, finally obtained for the variation 
with concentration. 


2n) ’ 


( 193 ) 
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by tbe NaCl- lattice. The electrical energy of the solution is then 

N€y2mi 


i?X = 


I>o\V^ 


(194) 


This energy is the basis of the calculations of Ghosh and Malmstrbm. 
It is, however, quite incorrect to calculate the energy of the solution 
from the mean distance between two oppositely charged ions in a lattice. 
The determining factor is actually quite a different length which depends 
on the temperature as well as the concentration and the charges, t since 
the mean distrihution of the ions varies with the temperature, and 
cannot he compared to a space lattice which changes very little with 
the temperature. It is fortuitous that these two characteristic lengths 
have the same order of magnitude in the range of temperatures and con- 
centrations usually studied and it is owing to this fortuitous agreement 
that the theory of Ghosh gives results of the right order of magnitude in 
a certain concentration range. The calculations of Bom on the electrical 
energy of the crystal lattice cannot he extended to solutions, for which 
it is necessary to consider the difference between the probabilities of 
jSnding a positive and a negative ion in an element of volume near a 
given ion. In this way it is found that the characteristic length, and 
hence the electrical energy of the solution, depends upon the tem- 
perature. 

In order to calculate the conductivity, Ghosh and Malmstrom assume 
that only a fraction e~ of the ions of an electrolyte which dissociates 

into V ions are sufS-ciently free to take part in the conduction of electri- 
city, i.e. A 

^ == ( 195 ) 

/IqO 

On introducing from (194), it is seen that a cube-root limiting law 
is obtained for the conductivity of dilute solutions. As has been shown 
previously, J this is in direct contradiction to the experimental results. 

Ghosh also employed Clausius’ virial theorem to evaluate the effect 
of the interionic forces upon the osmotic pressure. We have 


and hence from (194), for very small concentrations, 


py 


(196) 


1 ^ is van H Hoff’s factor, and ^ is a constant. As has been shown 
previously, § the limiting law actually observed is of another form. 


"f See p. 105. 

3595.7 


t See pp. 77, 79, and 193. 
0 


§ See p. 64. 
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We have thus been able to show that oa the oae haad the Ghosh- 
Malmstrom theory is theoretically uasoimd, and on the other haad that 
it leads to conclusions which are incompatible with the experimental 
results in very dilute solutions. The literature contains articles which 
claim to show both agreement and disagreement between the Ghosh- 
Malmstrom theory and the experimental results. f 

E. Partington, Trans. Farad. Soc. 15 (1919), 98; D. L. Chapman and H. J. 
/g) 41 (1921), 799; H. Kadlcowa, Chem. Ldsty, 15 (1921), 109; Ohem. 
Abstr. 15 (1921), 2374; H. KallmarLn, Z. phys. Chem. 98 (1921), 433; C. A. Krans, 
J. Am. Ghewb. Soc. 43 (1922), 2514; Sv. ArrhLenius, Z. phys. Chem. 100 (1922), 9; J"^ 
Kendall, J. Am. Chem. Soc. 44 (1922), 717 ; H. J. S. Sand, Phil Mag. (6) 43 (1923), 281 ; 
A. Brodsky, Z. phys. Chem. 108 (1924), 293; L. Klemensiewicz, ibid. 113 (1924), 28; 
P. Debye and E . Hiickel, Phys. Z. 24 ( 1923), 185 ; W. Nemst, Theoretische Ghemie. 
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THE PUmCIPLES or THE BEBYE^MILN^ER THEORY OR 
STRONG ELECTROLYTES 

25, Introductory Remarks 

The most recent deyelopments of the theory of electroljiies depend upon 
the fundamental work of Debye and Milner, f which has been greatly 
extended in collahoration with. Hiickel, Onsager, and Falkenhagen. The 
Debye-Milner theory is now able to account q[nantitatively for practically 
all properties of electrolyte solutions in the range of extreme dilution, 
and is free from any assumptions of doubtful yalidity in this concentra- 
tion range. The adyances represented hy this theory correspond roughly 
to the adyances made by using the theory of real gases in place of the 
perfect gas laws. In yan der Waals’ equation of state the pressure is 
smaller than that calculated from the perfect gas laws, owing to the 
intermolecular forces of attraction. Similarly, in the Debye-Milner 
theory, the decrease in osmotic pressure is attributed to the electrical 
forces between the ions. In the case of electrolytes, hoiyever, the mathe- 
matical treatment is more complicated, since the electrostatic force 
yaries inversely as the square of the distance while in a gas the attractive 
force between the molecules falls off much more rapidly with increasing 
distance. As a further complication, the ions are separated by solyent. 

We shall deal specially with Debye’s theory J first describing its funda- 
mental principles and then its numerous applications. It must be noted 
that the deyelopinent giyen will apply primarily only to very dilute 
solutions, since it is difficult to extend the theory to more concentrated 
solutions.^ 

Arrhenius’s theory of electrolytic dissociation only considers the 
equilibrium between undissociated molecules and ions in solution. It 
can therefore only apply to weak electrolytes dissociated to a slight 
extent in which the most important forces are those of a truly chemical 
nature, i.e. the resonance forces of quantum mechanics. In the case 
of strong electrolytes conditions are quite different, since there are 
present large numbers of ions which exert electrical forces on one 

f Tor references, see Note 1, p. 109. 

% Milner’s theory is ideatical with Dehye’s in its fuiiclaniental assumptions, but 
employs graphical luethods and a statistical treatment. Further, Debye’s theory leads 
much more readily to expressions of practical application. We shall deal with Debye’s 
theory in the form in which he presented it himself. 

§ A short chapter will he devoted to more concentrated solutiuiis (cf. Chapter ZXI). 
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another. This ionic interaction is the determining factor in dilute solu- 
tions of strong electrolytes, but can he neglected for weak electrolytes. 
The modem theory of electrolytes is characterized hy the importance 
attributed to the Coulomb forces between the ions. Milner and Debye 
have shown that these forces prevent a completely random distribution 
of the ions. The actual distribution may be characterized hy an ionic 
atmosphere of electric density surrounding each ion. The following 
section deals with the properties of this ionic atmosphere, which is of 
great importance for the recent development of electrolyte solutions. 

26. The Mean Electric Potential Surrounding a Dissolved Ion, 
The Ionic Atmosphere and its Characteristic Properties 

A. 'Ihe distribution oj the mean electric potential about an ion in a dilnte 
electrolyte solution. The ionic atmosphere caused by the interionicjorces. 
Before carrying out any calculations, we shall give a qualitative picture 
of the ionie atmosphere, which is characterized 
by a certain regularity in the distribution of the 
ions. Owing to the interionie forces, the proba- 
bility of two ions approaching one another is 
greater when they are of opposite signs than 
when they are of the same sign. Consider any 
short radius vector (10'®-1D"'^ cm.) drawn from 
a given ion, which we shall take as being positive. 
At the other end of the vector is a very small 
element of volume dV, We consider now the 
electric charge of this volume element, observa- 
tions being carried out over a time which is 
large compared with the fluctuations of the Brownian movement 
(c. sec.). On taking a time average, it will be found that the 

volume element has a negative charge density. The probability of 
finding a negative ion at a given distance from the central positive ion 
is hy Boltzmann’s theorem greater than the probability of finding a 
positive ion at the same distance. The positive ion thus has in a sense 
a connexion with the negative ions, which decreases with increasing 
distance, and is quite different from the chemical combination of the 
two ions to foim a molecule. Just as in Arrhenius’s theory the energy of 
ionization is of great importance for the degree of dissociation, in the 
present instance the potential of an ion with respect to its surroundings 
is a measure of the strength with which it is connected to all the sur- 
rounding ions, and therefore determines the thermodynamic properties 




§26] ELECTHIC POTENTIAL ROUND A DISSOLVED ION 101 
of the solution. Before we investigate the characteristic properties of 
the ionic atmosphere from this point of view, we shall give a quanti- 
tative treatment of the preceding qualitative ideas. 

Bor the sake of simplicity we shall consider a mono-monovalent salt, 
of which JV molecules are dissolved in volume F and dissociate com- 
pletely into ions. € is the absolute value of the charge on an ion 
(4*77 X 10“*^^ electrostatic units), and is the dielectric constant of the 
solvent. We shall consider one of these ionsf having a charge -f €. We 
wish to obtain the time average of the potential in the neighbourhood 
of this ion. Taking a point P at a fixed distance from the central ion, 
we shall call the mean potential at this point T*; the work of bringing 
a positive ion to P is then +eT*, and the corresponding work for a nega- 
tive ion is —eY. 

Considering a small volume element dV surrounding P, Boltzmann’s 
theorem gives for the average number of positive ions in this volume 

n^dV (197) 

and for the average number of negative ions 

71^ dV = W dV, (1 97') 

whera (1^8) 


is the number of positive or negative ions per c.c. of solution. Equation 
(197) must fulfil the condition that in the hmit when P ~ oo, the dis- 
tribution must become uniform, i.e. the factor before the exponential 
expression must be (197) is, however, not sufficient alone to solve 
the problem, since the potential T* of the point P is as yet undetermined. 
The further solution is effected by means of Poisson’s differential 
equation, according to which 


at = -^n, 

-^0 


(199) 


where II is the true charge density in a medium of dielectric constant 
n can he easily obtained from (197), which gives for the amount of 
electricity in the yolume element dV, 

■ne = -2m (iFsinh^^, (200) 

fC Jl 


t Milner {Phil. Mag. 23 (1912), 551 ; 25 (1913), 743} has attempted to consider each 
possible arrangementof the ions, and to calculate its probability by Boltzmaiiii’stlieorein. 
Fowler and Kramers hav^e succeeded in carrying out the calculations of Debye and 
Hiiekel using strict statistical mechauics; they obtain in tliis way tlie same equation 
(204) for the potential in the neighbourhood of an ion, at least for dilute solutions. 
(Cf. Chapter XII.) 
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and lence for H 

n == — 27i£sinh^. (201) 


The potential T is then given hy the solution of the differential eqnationf 

AT = -^sinh^, (202) 

If the energy of an ion eT is small compared with the mean energy of 
thermal agitation, kT, the above differential equation can he consider- 
ably simplified. This assumption. 


€T 

kT 


1 , 


( 203 ) 


becomes more nearly true as the distance from the central ion increases, 
and T decreases. It is in any case valid for dilute electrolyte solutions. { 
A strict statistical treatment leads to the simplified form of (202 )§ 
which also follows from (202) and (203), and is 


A\f/» STrne ^ ^ 

jy^kT 




( 204 ) 


In this equation /c has the dimensions of a reciprocal length. The corre- 
sponding length, 

( 205 ) 


1 _ ( DpkT ^l 


is an important and characteristic quantity in Debye’s theory, and 
replaces the mean separation of the ions in Ghosh’s theory. |1 Before 
entering into a further discussion of the quantity 1 /k we shall show how 
the distribution of the mean potential round an ion of charge +€ can 
be calculated. 

We shall call the distance of the point P from the ion in question r, 
and introduce polar coordinates. There is no reason to suppose that 
the potential depends upon the direction of the radius vector, and we 
shall assume the potential distribution to be symmetrical about the 
origin. We then have 

d¥__d}¥^ 

dx dr dy dr r'’ 8z dr r ’ 


and hence 


dW dW _ I d I 

dx^ dy^ dz^ dr\ dr 


t The full form of (202), corresponding to the most general case, is obtained from 
(199) and (215). See p. 270. 

X The unsimplified form of (202) leads to the theory of more concentrated solutions 
developed hy Gronwall, La Mer, and Sandved. (See p. 270.) 

§ See Chapter XII. |1 Seep. 94. 
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Equation (204) thus becomes 


_(7T) = kW. 


Tie solution of this equation is 

'F = ^l-+d^ (207) 

T T 

as may be verified by substitution in (206). Since (206) is a second 
order differential equation, A and J.' are arbitrary constants. 

Since T must vanish for infinite values of r, 

= 0 . ( 208 ) 

The constant A can be determined by considering the state of affairs 
in the immediate neighbourhood of the ion. If we are dealing with very 
dilute solutions, we can consider the distance r as great compared with 
the radius of the ion, i.e. we can consider the ion as being a point charge. 
In the absence of other ions, the potential due to a point charge +€ at 
a distance r in a medium of dielectric constant Dq is elD^r, The poten- 
tial in (207) must approach, this value for very small values of r, and 
the req[uired expression for the mean potential is 


This potential can be divided into two parts, the first % being the 
potential which would be found in absence of the surrounding ions, and 
the second being the potential due to the ionic atmosphere. We 
therefore write 

W = = , (209') 

JJq r 

where (210) 


The potential Tjj, caused by the ionic atmosphere, is the characteristic 
feature of the modern electrostatic theory. 

In order to find how the electric density in the ionic atmosphere 
varies with the distance r from the central ion, we wTite 


(212) 
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i.e. the electric deasity II is 


n = 


e e~ 


K‘e e~'^ 
47r r 


(213) 


477 Z)q r 

from (199) and (212). II is Tery great near the ion, and decreases with 
increasing distance r. It is negative for a positive ion, i.e. the ionio 
atmosphere surrounding the given positive ion is negatively charged. 
Similarly, a negative ion will be surrounded hy a positive ionic atmo- 
sphere. The decrease of electric density in the ionic atmosphere is 
determined by the characteristic length l/zc, which is often referred to 
simply as the thickness of the ionic atmosphere. 

We shall now generalize the above calculation of the potential dis- 
tribution round a given ion to include an electrolyte solution containing 
the ionic species l,...,i,.-.,5. The number of each of these species is 
respectively 




!»• 


•> ^1? •• •} ^S! 


and the corresponding valencies 




These valencies may be either positive or negative. Since the total 
charge must be zero, we have 

( 214 ) 

We shall again consider a given central ion, and denote hy W the 
potential at a point P. Just as above, Boltzmann’s theorem gives for 
the density of ions of the ith species 

The total density in a volume element near the central ion is thus 

n = € 2 (215) 


We can introduce this expression for II in Poisson’s equation (199). 
Again considering only the first two terms in the expansion of the 
exponential function, we obtain fox Y the equation 


where in the general casef 


AT = fc^T, 


47r€^ g 


(216) 

(217) 


If the ion in question has the charge e, the solution of equation (216) 


t This vain© of is -written kJ in Chapter XI, "whei© the term is reserved for the 
val-u© of (217) -when the dielectric constant of the sol-ution is inserted in place of Dq. 
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can be obtained exactly above, and we obtain for the potential round 


tlie ion i 


Z)n T 


(218) 


The electric density n in the ionic atmosphere surrounding the ion 
* is given ty 


47r 


477 r 


If we integrate to find the total charge present in the ionic atmosphere, 
we obtain „ 


J n47rr^ dr = e. 


( 220 ) 



Tig. 18. Thoioaic atmosphere. 


i.e. the total charge in the ionic atmosphere is equal to the charge on 
the central ion, but has the opposite sign. 

We shall now consider further the characteristic length 1/fc. 


E, The thickness of the ionic atmosphere. 

We have seen that the characteristic length lf/< (defined (217)) 
determines the decrease of the electric density in the ionic atmosphere. 
Tig. 18 shows this diagrammatically for a positive and a negative ion. 
1/k is the distance necessary for the electric density to decrease by the 
factor 1/e. The formula for this thickness of the ionic atmosphere, 

1 _ f 

K 

can he somewhat simplified by means of the concept of ionic strength 
J introduced by Lewis and Randall, "f If there are present in the solu- 
tions ions, of species 1 ,..., of species of species s, we ma^" 



3595.7 


Cf . p. 70. 
p 
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intioduce the molar concentiation y in moles per litre by the eq^uation 


y-i — 


1,000 

N 


(N = 6-06xl02»), 


( 222 ) 


the ionic strength being defined hy the equation 

'^=42yi2i- (223) 

Combining (221) and (223), the characteristic length 1 /k can be expressed 
in terms of the ionic strength as 


1 

K 




2*81 X 10-10 cm. 


(224) 


If we are dealing with a single electrolyte which dissociates into ions 
we can write 


and 


J = h'1.nA- 


(225) 

(226) 


The thickness 1 Jk will then be inv^ersely proportional to the square root 
of the molar concentration y: We can thus write (224) as 


- = 2-81 X 10-1” / /227) 

« \Yj.nAI 

The valency and the dielectric constant are thus the essential factors 
which determine the thickness l//c and are of paramount importance in 
the practical significance of the Coulomb forces between the ions. Given 
the temperature and the natnre of the solvent and electrolyte, we can 
calculate the thickness of the ionic atmosphere at different molar con- 
centrations. For water we have for 


291-2 i>0=81-3 

T = 298-2 Dq = 78*8, 

and the thickness of the ionic atmosphere is given for single electro- 
lytes by the formulae 


1 

K 


4^33 XjU)-8 
( yX ^ i ^ i )^ 


(18°); 


l _ 4-31X10-S 


(251^. 


(228) 


Table 19 shows the value of the thickness of the ionic atmosphere in 
water for different valence types, taking y == 0-001, T — 2QV2. 

According to (228), the order of magnitude of the thickness of the 
ionic atmosphere is given by 


1 10-8 
“ cm. 

K 


( 229 ) 
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It thexefore increases with decreasing concentration and is increased 
tenfold in going from y = 0*01 to y = 0-0001. - 

Table 19 

The ihicJcness of the ionic atmos^phere 1 [k. 
y = 0*001, T== 18° C., solvent water. 


Ydlerhcy type 

Thickness IjK in cm. 

1-1 valent 

96-6xlO-« 

1*2 „ 

55-9 X 10-® 

2-2 „ 

48-4x10-® 

1-3 „ 

39*5x10-® 

1-4 „ 

30*4x10-® 

2-4 „ 

27*8x10-® 


We shall now deal with, the second important property of the ionic 
atmosphere, its time of relaxation. 

C. The time of relaxation of the ionic atmosphere. 

The time of relaxation of the ionic atmosphere was first calculated by 
Debye and TaLkenhagenf for certain simple electrolytes. It is of great 
importance in the irreversible phenomena of electrolytic conduction, 
and is the cause of certain special effects which have subsequently been 
verified experimentally, e.g. the dependence of conductivity upon 
frequency .J The meaning of the term 'time of relaxation of the ionic 
atmosphere’ may be illustrated as follows. If we imagine the charge 
of the central ion suddenly removed at a certain instant (t = 0) the 
cause of the uneven distribution in the ionic atmosphere is also removed. 
If we now observe the electric intensity in the atmosphere surrounding 
the point from which the central charge w^as removed at ^ = 0, its 
variation with time can be characterized by a time 0 which we term the 
time of relaxation. 'The following considerations show^ its quantitative 
significance. Let be the amount of electricity enclosed between two 
spheres of radii r and r-j-dr, where r is the distance from the central 
ion. If the charge of the central ion is it will he shown laterg that 

= —yKe^dr. (230) 

2 / is a measure of the electric density in a spherical shell of radius / and 
thickness dr. Fig. 1 9 shows yasB, function of kt for the times 
^== 0 , t = 0-25ge, t = q0. 

"t P. Deby© and H. Falkenhagen, PJiys. Z. 29 (1928), 401. t See p. 222. 

§ P. Debye and H. Falkenhageii, Thi/s. Z, 29 (1928), 121. This paper gives only a 
qualitative calculation of the disappearance of the equilibrium condition. Debye gave 
later {Sommerjeld Festschrift, p. 52, Leipzig, 1928) a quantitative calculation for the 
special case of binary electrolytes with, ions of equal mobility. The more general treat- 
ment in the present work (see p. 176 ) is due to the author. 
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0 is the time of relaxation and ^ is a factor depending on the Yalencies 
and mobilities of the ions. The Yalne of g' lies between 


1^1 


and 


and is | for binary electrolytes. 0 is defined so that the electric density 
in the ionic atmosphere- has practically speaking disappeared after 
time 45^0. In the case of binary electrolytes the electric density is thus 
practically zero after time 20. © is not only dependent on the factors 
which determine the thickness of the ionic atmosphere l//c (see (227)), 
hnt depends also upon the mobilities of the ions. Calculation shows 


y 



Fig. 19. Variation of electric density witli time. 


that the time of relaxation is given by 


0 


where q is defined hyf 


15-34x10-8 1 




^1 + ^2 


(231) 


(232) 


1^21^1 “h l%l^2 

and the square of the thickness of the ionic atmosphere by (227), i.e. 
1 __ 7-90 X 10-20 




(233) 


Tor simple electrol^^tes the order of magnitude of the time of relaxation 
0 is given byf 1 0 -io 

0 ^ sec. (234) 


t the mohility of the ion. at infinite dilution, is defined by = X) Ig. 
t In a series of papers to appear shortly th© author and W. Fischer have extended the 
treatment to the general case of mixtures. The results serve to explain the interesting 
experimental results of Spaght {Phys, Z. 33 { 1932) 534)^ 
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The followiag table gives the miraerioal values of 0 in water for 

y = 0 - 001 . 

Table 20 


The time of rdaxatim for some saUs in aquecnis solution . 

y = 0001. 


EUetrolyte 

I 

Time cf relaxatim 0, | 
eecorbds i 

Temfpeta- 

Ure, 

Corresponding 
\ wave-length^ 
metres 

KCl 

0-553X 10-’ 

18“ 

16-6 

HCl 

0-189x10“’ 

18® 

5-67 

LiCl 

0-’7S2x 10-’ 

18® 

1 22-0 

MgCla 

0-324 X 10-’ 

i 18® 

■: 9-72 

CdS 04 

0-315 X 10~’ 

18® 

i 9*45 

LaClg 

0-a52x 10-’ 

18® 

4-86 

K4Fe(CIS[)e 

0-ia2xl0“7 

25® 

3-a6 

Ca2Fe(CN')6 

o-iisxia-^ 

25® i 

i 3-39 


The meaning of the wave-lengths given in Table 20 will be explained 
later in connexion with the dependence of conductivity on frequency •i’ 
Of the two essential properties of the ionic atmosphere the thickness 
1 /(c is the determining factor in reversible thermodynamic phenomena, 
while the time of relaxation 0 is of importance in dealing with the 
phenomena of conductivity. The plan of the next few chapters is based 
on this division, the thermodynamics of strong electrolytes being dealt 
with first, and then the phenomena of conductivity. 

Note 1. MtercUtire on the Deirye-Milner theory oj strong ekctrolytes 
S. E. Milner, FUl. Mag. (6) 23 (1912), 551; 25 (1913), 742; 35 (1918), 214, 
352; Trans. Farad. £ 00 . 15 (1919), 148; P. Debye, Hand. XlXe Nederlandseh 
Natuur- m Qeneeskundig Congns, Maastricht, 1923; Debye and E. Hiiekel, 
Phys. Z. 24 (1923), 186; L. Onsager, ibid. 27 (1926), 388; 28 (1927), 277; Debye 
and H. Falkenhagen, ibid. 29 (1928), 121, 401. See also the following reviews: 
E. Hiiekel, Ergebn. d. exakt. Natunoiss. 3 (1924), 199 ;N. Bjerrum, ibid. 5 (1926), 
125; W. Orthinarm, ibid, b (1927), 155; E. Baars, Handb. d. Thys. von Geiger- 
ScJieel.^iii (1928), 397-516; V.K. La Mer, Trans. Am. Eleetrochem.Soc. 41 (1927), 
507; A. A. Noyes, J. Am. Ohem. Soc. 46 (1924), 1080, 1098 ; Trans. Farad. Soc. 
Symposium (1Q21), 334-544 ; reviews by M. Wien, G. Joos, and E. Lange, Phys. Z. 
29 (1928), 751 ; Ulich and Birr, Z. angew. Chem. 41 (1928), 443, 467, 1075; F. 
Forster, ibid. 41 (1928), 1013 ; N. Bjerrum, Ber. 62 (1929), 1091 ; H. van Veld- 
huizen, CJmn,. Weekblad, 27 ( 1930), 486, 68 1 ; H. Falkenlmgen, Chenriker-Kaknder, 
lit (1931), 346; Bev. Modem Phys. 3 (1931), 412; Debye, Z. Elek-trochem. 39 
(1933), 478; ‘Symposium on electrolytes’, C/ie/ii. Rev. August 1933. 

t See p. 182. 
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THE THERMODYNAMICS OF STRONG ELECTROLYTES 
ACCORDING TO DERYE’S THEORY 

27. The Mean Potential Energy of the Central Ion 

We shall again begin by considering a mono-monovalent electrolyte. 
(209) gives the mean potential in. the neighbourhood of a given positive 
ion of charge The potential due to the ionie atmosphere is given by 
the second part of (209), which becomes —€kJDq for small values of 
i.e. the potential due to the ionic atmosphere at the point occupied by 
the central ion is — gkt/Do. In other words, in a dilute solution the poten- 
tial produced at a given ioti by all the other ions is equal to that which 
would be produced by a single ion having a charge eq[ual and opposite 
to that of the first ion, and separated from it by a distance equal to the 
thickness of the ionic atmosphere. 

We shall now calculate the potential energy of the central ion with 
respect to its surroundings. This is given by 


cZr, 


0 

where 11 is the electric density in the ionic atmosphere, given hy (213). 
Integration gives 2 

u=-^K. (235) 

Do 

The same value for u follows directly from (211). 

We shall now derive the expression for the potential energy of an 
ion with respect to its ionic atmosphere. (218) gives the value of the 
potential due to the ionic atmosphere. For small values of r this leads to 




Z^eic 


(236) 


for the potential at an ion with, charge The potential energy of the 
central ion with respect to its surroundings is therefore 




A 


(237) 


28. The Electric Energy of the Ionic Solution 

We shall first consider the total mutual potential energy of the ions 
with respect to their ionic atmospheres, again considering mono-mono- 
valent electrolytes first for the sake of simplicity. The potential energy 
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of one ion of ckarge +€ is giv^en by (235). We have altogether M positive 
ions, at a potential — ^f<jD^ with, respect to their surroiiiidmgSj and N 
negative ions at a potential gkIDq, 

The total potential energyf is therefore 


€K 

■5 


)= 


AV/, 
■ X>„ 


(238) 


since if we have a number of charges at points where the potentials 
are the total potential energy is given by 


t^e=hle,%. (238') 

(227) shows that k, and therefore also the potential energy of the solu- 
tion Vq, is proportional to the square root of the concentration.} 

This result can easily he generalized for an electrolyte containing 
ions of valencies In this case the potential 

energy of the central ion with respect to its ionic atmosphere is given by 
(237) and the potential energy of the solution is then given by (236) 
and (238') as ■ 


In this case the reciprocal length k is defined by the generalized equa- 
tion (227). 

29. Calculation of the Electric Work W necessary to discharg^e 
and recharge the Ions . The Limiting Law for Osmotic 
Coefficients 

We shall now calculate the electric work JY necessary to remove and 
replace the charges on the ions. In order to clarify the somewhat 
obscure considerations involved, we shall deal with the osmotic pressure 
of the solution. We have previously § derived the equation of van ’t 
Hoff for the osmotic pressure of ideal dilate solutions. If is the 

■f Since we need only the mutual potential energy of the ions with respect to their 
ionic atmosphere, (238') contains only the portion of t he potential energy due to th© 
charges in the atmosphere, i.e. the portion corresponding to Wa in (209'). We obtain 
therefore the potential at the point occupied by the charge r,-. 

I Chosh jfinds that the potential ©nergy of the solution is proportional to the cube 
root of the concentration, which cannot be the case. Milner’s formula agrees with (235) 
except for the numerical factor: he finds 


The difference between the two factors probably depends upon the less accurate graphical 
method employed by Milner. T. S. Wheeler {Phys. Z. 32 (1931), 674) has shown that the 
factor in Milner’s formula should be (-iTrli instead of (Itt)*. 

§ See p. 20. 
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number of laolecnles and ions contained in 1 c.c., then tke ideal osmotic 

pressure is given hy (56') as 

P = n'kT. (239) 

We have previously seenf that the actual osmotic pressure of an 
electrolyte solution differs from this ideal value. This difference can 
he interpreted in terms of Debye’s theory of the interionic forces in the 
following way4 

We begin by considering a practically infinitely dilute solution con- 
taining the same amounts of dissolved solute as the final solution of 
finite concentration, i.e. particles of species having 

charges The particles may be either ions, molecules, or 

atoms, so that some of the charges may be zero. This infinitely 
dilute solution may be converted isothermally and reversibly into the 
solution of finite concentration in two ways. According to the laws of 
thermodynamics, the work obtained in the two cases must be the same, 
and must be equal to the difference in the free energies of the infinitely 
dilute solution, and the solution of volume F. 

The first way consists of compressing the solution infinitely slowly 
and isothermally with a semi-permeable piston, thereby transforming 
it from the original state of very high dilution and volume to the final 
state of volume F. The piston is permeable to solvent, but not to solute. 
At any stage of the process the pressure upon the piston is the osmotic 
pressure P, and the work corresponding to a volume change dV is 
P iV. The total work done during the compression is therefore 

F 

A^~jPiV. (240) 

il 

The second way is as follows. We first consider the very dilute solu- 
tion, and imagine the charges on the ions removed .infinitely slowly. 
This process would be impossible in practice, since it is impossible to 
sub-divide the charge on the electron. This fact does not, however, 
constitute an objection against the employment of the process in a 
theoretical argument, any more than the impossibility of obtaining 
semi-permeable membranes precludes their use in theory. Since the 
charges are now absent, the solution may be considered as being perfect. 
It is now compressed isothermally and infinitely slowly by means of a 

t See p. 48. 

t P. Debye, Fh^s. Z. 25 (1924), 97. Gross and Halpera (P%s. Z, 26 (1925), 403) have 
criticized Debye’s derivation. It can, however, easily be shown that Debye’s result is 
correct by employing the mean, value of the potential introduced on p. lOO. 
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semi -permeable pistoa to the volume V, and finally the charges ei are 
restored infinitely slowly. The total work done in this process may he 
divided into two parts. The work done during the isothermal compres- 
sion is jr 

A = ~-jPdV, (241) 


where P is the ideal osmotic pressure. The electrical work done in re- 
moving and restoring the charges will be termed W, so that the total 
work done in the second type of process is A-}-W. Ey the laws of 
thermodynamics, this work must be equal to the work done in the first 
process, i.e. 


A=A-\~W. 


(242) 


We can now consider the same two processes, but this time with com- 
pression to V+dY instead of F. Equations (240) and (241) then hold 
with the snhstitution of F-f-c?F for F, and tlie required osmotic pressure 
is obtained hy subtraction. The same result is easily obtained by 
differentiating (241) and (242) with respect to V at constant tempera- 
ture, This gives 

(243) 


dV 


dV 


and 


P- 


8W 
' BY' 


(244) 


Thus if we know dW/dV (the dependence on the volume of the work 
done in carrying out the discharging and recharging process) as a func- 
tion of the temperature, the osmotic equation of state of the solution 
is determined. 

We shall now proceed to calculate TF, and it will be found that for 
fairly dilute solutions, work is actually obtained in carrying out the 
discharging and recharging process. Further, the amount of work 
obtained increases as the final volume of the solution Y decreases. 
dW JdV is therefore positive, and the actual osmotic pressure P is less 
than the ideal value P. 

The electric work W is made up of tw^o parts, the first of which is the 
work necessary to discharge the ions in the infinitely dilute solution, and 
the second the work necessary to recharge them in the solution of finite 
concentration. We shall imagine the operations of charging and dis- 
charging carried out in such a way that the charge on the ion i at any 
moment is given by the product Acj-. A is a function of the time, which 
decreases gradually from 1 to Gin the discharging process, and increases 
from 0 to 1 in the process of charging. If a sphere of radius is given 

3595.7 O 
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Sb charge of % in a medium of dielectric constant D, it can he shown that 
the work done is ef/2jD6^. Thus if we consider the ion as a sphere of 
radius the potential at its surface at the moment characterized by 
A is given by 

and the corresponding work done in discharging the ion in infinitely 
dilute solution is i 2 

(U6) 

0 ^ 

where Bq is the dielectric constant of the pure solvent. In the second 
part of the process, the ions are recharged in the solution of finite con- 
centration, and the work done is analogously c\/2Dh^, where D Is the 
dielectric constant of the solution. On account of alterations in the 
electrical nature of the surroundings of the ion, D will in general differ 
from Z)q. Investigations of the variation of the dielectric constant with 
concentration have led to very contradictory results, and the question 
is not yet by any means cleared up. It is, however, justifiable in 
sufficiently dilute solutions to identify D with Dq, the dielectric con- 
stant of the pure solvent. The difference between the two is certainly 
so small that the corresponding work term will he small compared with 
the term arising from the Coulomb forces between the ions. We can 
thus write for sufficiently dilute solutions. 



R&cent investigations by Wiea appear to show (in opposition to previous results) 
that the dielectric constant of ionic solntions is greater than that of the pure 
solvent, the increase being proportional to the square root of the concentration in 
dilute solution, as required by the theoretical predictions of Debye and Falken- 
hagen (see p. 182). Wien’s results also show that the expression in (246) probably 
differs very little from zero even in more concentrated solutions. These considera- 
tions probably do not apply to non-aqiieous solutions. 

The above derivation assumes that the dielectric constant does not change 
during the charging of the ions. This is not strictly true, and actually we should 
employ a mean value, which could be calculated from the final value D, if the 
dependence of the dielectric constant on the charge were known. It is, however, 
allowable to use the value D in fairly dilute solutions. It is also strictly speaking 
necessary to take into account the fact that the dielectric constant in the neigh- 
bourhood of an ion is not the same as the macroscopic dielectric constant of the 
solution. Any error introduced on this account will, however, be the same in both 
the charging and the discharging process, and will therefore cancel out. 


We shall now evaluate the work term arising from the Coulomb forces, 
making use of equation (236), which gives the value of the potential at 
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the point occupied by an ion of the ith. sort, due to its ionic atmosphere. 
If at any moment the charges have reached the v^alues 

... 3 ... 3 ASg, 

the potential ^vill have the value A^^., since k is hy (221) proportional 
to A. The increase in the charge of an ion of the ^th sort during an 
element of time may be written as dA, and the work done on the ion 
during this element is therefore 

ei%X^dX; 

i.e. the product of the potential and the alteration in charge. The total 
electric work is then given hy integrating from A = 0 to A = 1, and 
summing over all the particles contained in the li(3[idd, i.e. 

V = _ V 

■^3 ^ 3D ' 


W 


(247) 


where W is the Teq[uired total electric work. 

The difference between may be explained as 

follows. — is the work done in removing the charge from the ions, 
keeping them fixed in their original configuration, and then restoring the 
charge at infinite dilution . Wy on the other hand , is the energy necessary 
when at any stage of the discharging process the ions have the dis- 
tribution corresponding to their degree of charge at that instant. The 
energy necessary to separate the ions is smaller in the latter case, since 
in setting up each distribution the thermal motion does work against 
the interionic forces. 

In order to calculate the osmotic pressure, we must differentiate the 
electrical work W with respect to the volume V. It must be noted that 
the expression for k (221) contains V implicitly, since 


(248) 


We have 

8W 

8V 

dW dn iV,- ef 

8k dV ^ 3Z)q 8V^ 

(249) 

and from (221) 


8k k 

Fv ^ 

(250) 

so that 


8 W Uf ef K 

W~ ^ 6i>o ’ 

(251) 

and from (244) 


P - p 

(252) 


Since the osmotic pressure of the ideal dilute solution is given by 

P = ^n,JcT, (253) 
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the osmotic pressure of the real solution becomes 


The actual osmotic pressure can therefore be obtained from the equa- 
tion for ideal solutions if we employ in place of the real Yolume con- 
centrations fictiye concentrations obtained by multiplying the real 
values by the factors 2 ^ 

The osmotic pressure of the real solution can thus be written in the form 

(256) 

The factors which will differ from unity for all charged particles, 
have been termed by Bjerrum the osmotic coefficients of the ions. If 
a solution contains n molecules of a salt in 1 c.c. giving vn ions in in- 
finitely dilute solution, Bjerrumf defines the osmotic coefficient of the 
salt by tte equation p^g-^n^hT. (257) 


We thus have g 

which can be written as 






or, from (255), 






(258) 


(259] 


(259') 


(224) gives the relation between and the ionic strength J, leading to 
the relation ,r 


Introducing the valency factor w defined by 

(260) 

we have 1—g = - ■ -nj(vy)i (261) 

Tor the special case of water at 0° (Dq — 88-2, T == 273) this becomes 

l—g = Q-2e>3w{vy)^, (262) 

These formulae contain several important predictions, which have in 
most cases been verified for extremely dilute solutions. J Tormulae (261) 

t E. Bjerrum, Fysisk Tidsshr, 15 (1916), 66; Elektrochem. 42 (1918), 325. 

X Eor certain, discrepancies -which arise, see pp- 119, and 270. Q. Scatchard and 
S. S. Prentiss (J . Am. CJieni. iSoc. 54 (1932), 2696) have recently found that the chloride, 
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and (262) for the osmotic coefficient can of course also he tested by 
measurements of freezing-point depression, boiling-point eleration, and 
lowering of vapour pressure. The points to be tested are tlie dependence 
of the osmotic coefficient upon concentration, valency, dielectric con- 
stant and temperature, as well as the absolute values of the constants 
in (259') and (259"). A series of excellent measurements are available 
for the freezing-point depression of very dilute solutions of strong 
electrolytes. i* Fig. 20 shows the values 
of 1—g for four electrolytes of different 
types, plotted against the square root m 
of the ionic concentration (vy)^. The 
straight lines in the figure represent 
the theoretical limiting law, their slopes 
being given by the factor 0-2632^ (cf. ^ 

(262)). The valency factor w is given by 
(260) and has the following values for 
the salts considered, ^ 

KCl \w=l BaClg : ii) = 2V2 
La(]S' 03)3 : w = 3^3 MgSO^ : w = 4^4. 

Fig. 20 shows that the observed values 
approach the limiting theoretical straight 
line at very small concentrations. There 
are, however, undoubted deviations from 
the limiting law even at lowest con- 
centrations measured, and it must he 
emphasized that no real proof of the 
square-root law can be obtained from freezing-point measurements. 
(Such a proof was first afforded by solubility measurements, see § 31.) 

Fecent experimental workj has shown that the lower the concentra- 
tion, the better is the agreement between the experimental results and 
equation (262). This is illustrated by Figs. 21-3. Fig. 21 shows 1 — ^ 
for mono-monovalent electrolytes plotted against \y, the results being 
taken from Hovorka and Fodebiish, Randall and Yanselow, and Adams. 

bromide, iodide, nitrate, and sulphate of aminoniiiin deviate considerably from the Deb\e- 
Hiickel linxitiiig law for osmotic coefficients. This fact remains at present unexplained. 

t See e.g. B. T. G. Bedford, Proc. Roy. Soc. 83 (1909), 454; L. H. Adams, J. Am. 
Chem.Soc. 37 (1915), 481 ; R. E. Hall and \V. D. Harkins, ibid. 38 (1916), 265S. 

X See e.g. W. H. Rodebush and F. Hov’orka, J. Aw. Cliem. Sl>i\ 47 (1925), 1614; 
M. Randall, ibid. 48 (1916), 2512; Randall and A. M. L. White, ibid. 48 (1926), 2514; 
Randall and A. P. Vaiisolow, ibid. 46 (1924), 2418; Randall and G. K. Scott, ibid. 49 
(1927), 647. 
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The figure shows that the curwes coimecting the experimenteil points 
approach very near to the limiting straight line. (The meaning of the 
a- values in the figure will be explained in § 51 .) Tig. 22 shows the results 
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of Hall aad Harkins fox K2SO4 (A O) and those of Adams for ElCl (G). 
MgS04 (0) and C11SO4 (+) are taken as examples of 2- 2- valent electro- 
lytes, and La2(S04)3 as a 3 - 2 - valent. Fig. 23 illustrates the principle 
of the ionic strength, \—g being plotted against VJ' for eleetrohiies of 
different valency types. 

The work of Baxter^ vath water at 75 ° shows that the theory predicts 
correctly the effect of temperature. 



iMf/ Qj^OS CC/S 

Fig. 23. The variation of osmotic coefficient with ionic strength. 


According to ( 251 ) the osmotic coefficient should depend largely upon 
the dielectric constant, l—g being inversely proportional to D^. 
Frivoldf measured the boiling-point elevation for solutions of LiCl 
down to 0*005 N. in methyl, ethyl, and propyl alcohols, having dielectric 
constants of 22*7, 18 * 7 , and 8 * 4 . The concentrations were, however, 
too high, and the accuracy too low to make it possible to test the 
Debye-Hiickel limiting law. The measurements do, however, appear to 
approach the theoretical straight line, and the slope increases with 
decreasing dielectric constant, as required by the theory. Trivold§ then 

f W- P. Baxter, J. Am. Chem. Soc. 48 (1926), 615. 

i O. E. Frivold, Phy^.Z. 25 (1924), 465. 

§ O. E. Frivold, J. Phys. Cheni. 30 (1925), 1 153. 
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ezsteiided his measuxements to C0CI2 and La(N03)3 and obtained much 
steeper ciirYes which again appear to approach the limiting theoretical 
straight lines. 

Schreiner and Frivoldf tested the theory by carrying out freezing- 
point measurements with lithium salts in cyclohexanol. This solvent 
has a dielectric constant of 15 and melts at 23 - 4 ^, and is thus a very 
suitable solvent for such a test. Calculation shows that l—g should he 
theoretically 12-4 times as great as in water. Eig. 24 shows that the 
theory appears to be confirmed. Schreiner, Frivold, and Ender^ subse- 
quently extended their measurements in cyclohexanol to include salts 


0.3 


0,2 


Fig. 24. The osmotic coefficient of lithium chloride in cyclohexanol. 

with di- and tri-valent cations, i.e. LiCl, Y02(C2H302)2, La(N03)3, 
mixtures of liCl and La(N03)g. In the case of La(N03)3, results 
obtained appear to be incompatible with the theory.§ It should, how- 
ever, be pointed out|l that these measurements were carried out with 
a Beckmann thermometer, and not with the more reliable thermo- 
element. 

30. The Limiting Law for Activity Coefficients 

According to the laws of thermodynamics, the work done upon a 
system at constant temperature is equal to the increase in the free 
energy F of the system (cf. ( 17 )). We have just calculated the work 

t E. Schreiner and O. E. Frivold, Z,phys. Chem. 124 ( 1926), 1 . 
t E. Schreiner, O. E. Frivold, and P. Ender, Fhil. Mag. (7) 8 ( 1929), 669. 

§ Til© curve obtained resemlbles that shown in Pig. S3, p. 255. 

1! Cf. T. K. La Mer, 'Trans. Am. Ehctrochem. ^(?c. 51 (1927), 507. 
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don€ Upon an electrolytic solation when the concentration is changed 
isothermally and reversibly by means of a semi-permeahle piston 
(c£. (247)). t In tlie case of an ideal solution, the increase in free energy 
is measured by the work term A. Since at infinite dilution there is no 
difference between the ideal and the real solution, the term W repre- 
sents the quantity which must be added to the free energy of the ideal 
system in order to obtain the free energy of the real system. We can 
therefore write p ^ ^ 263) 

where F represents the ideal free energy of the solution. Gibbs has 
shown that since most measurements are carried out at constant 
temperature and pressure, it is more convenient to use the thermo- 
dynamic potential 0. This is defined by (9) and (11) as 

O = F+pV, 

Hence if we can neglect the term pV, any relation between the real and 
ideal free energy will also apply to the real and ideal thermodynamic 
potentials. Since we can regard the electrolyte as incompressihle, we 
can therefore write ^ 

The thermodynamic potential of an ideal solution is defined by (35) aslf 

I (265) 

0 

where molecules of the solvent contain molecules, atoms, or 

ions. The ^/s depend only on the pressure and temperature, and not 
on the concentrations. 

The thermodynamic potential of the real solution then follows from 
(247), (264), and (265), 

<5 = 2 N,{4,+kTlog Ig)- (256) 

The term added to O is thus 

^ 3i>„ ’ 

the single terms of which are proportional to iV^/c, i.e. to the |th power 
of the concentration. It is thus clear that older attempts to represent 
d) as a power series involving only integral powers of w^ere bound to 

f The whole system comprises both tlie solution below the semi- permeable membrane 
and above it, 

I Remembering that ^i/N = fi, NA’ = R, and .UjN = 
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fail.f The change of the thermodynamic potential with changing Nj, 
temperature and pressure being kept constant, is given by (266) as 

3D„ A 5i)o 


SO = f i+i-TlogT]i 


J=0 


Si\r. 


(267) 


We have also from (217) 




•s:' 47r Njef 

V 


D^kT 


= e-K^ 


(268) 


If the index i refers to the dissolved particles, i.e. one of the values 
i = we have 

dK 


y ^ for 

3wDq dN.i 6-Dq 




(269) 


If, on the other hand, ^ = 0, i.e. we are dealing with variations in the 
solvent, we may proceed as follows. We can wite the total volume of 
the solution F in the linear form 




(270) 


where Vq and % represent the changes in the total volume caused hj 
adding respectively a molecule of the solvent or a particle of the '^tll 
sort to the solution. We then have from (250) and (270) 



Bk 

■ Bk BV Bk 

(271] 




and hence, 

•s 

jL 

C TV 

^3Do ^8JSr„- " eDo ' 

(272] 


The total variation in thermodynamic potential is thus 


St) == SiV, 


^Q-|-A:Z'log *^0+^0 


+ 


log'. 

1 ^ 


a; /c 

‘^oJ 


(273; 


In connexion with equation (270) it may be mentioned that O. Redlich and 
P. Kosenfeld {Z. pkys. Chem. 155 A (1931), 65; Naturwiss. 19 (1931), 231; Z 
Elektrocheni. 37 (1931), 705) have recently derived a square-root law for the 
variation of the partial molal volume of the dissolved electrolyte with concentra- 
tion. It Mq moles solvent and M moles electrolyte are contained in volume V 
we have 

t See H. Jahn, Z. phys. Chem. 37 (1901), 490; 38 (1901), 125; 41 (1902), 257; 5C 
(1905), 129; W. Xernst, ibid. 38 (1901), 484. 
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where dV/dM is the partial molal volume of tlie electrolyte. "We have from 
(265) and (266) ^ f^) g /g<&\ _ 3 

eM dM dpUm) cj}{ni)~ip[^r 
where Foo is the volume of an infinitely dilute solution. c'lF/rJ/ can be easily 
calculated, giving 


jp/pi 

:if) 

Pi 


1-1 

/27tN'| 

1.£L\ 

dM dM ~ ' 

' 1 

<d,et) 

1 1 

ii,oooJ 

IDq tp ' V cp ) 


The experimental evidence on the variation of d V jdM with concentration appears 
to be somewhat conflicting. Thus D. O. Hason {PhiL Mag. (7) 8 (1929), 218) and 
W. Geffcken {Z. phys.Chem. 155 A (1931), 1 ) found a square-root law to he obeyed 
up to very high concentrations, hut the slopes of the lines obtained showed indi- 
vidual variations, even for electrolytes of the same valence tj^pe. Redlich and 
Eosenfeld (loc. cit.) conclude, however, on examining the best experimental data 
that these apparent straight lines are actually curves, which approach the 
theoretical slope at high dilutions. (The above formula should of course only be 
valid for dilute solution.) The influence of the valency appears to be 

accoiuited for by the theory. Further work on the subject is needed. 

Equation (266) leads also by purely thermodynamical relationships to the 
following expression for the specific heat per mole 


7tN 


OOOfc/ (D^T)^ 


(2ivs2)3[ ]Vy, 


where the expression in square brackets is given by 

.i>o dT ) Do 




/2_ T’-ePg ZT\dV ST^a'-V iTbVx^T. 
Idj V eT '^sr/dT 3 V ar'- ’^[var/ J' 


A similar expression was given by Messner (Z. EUktrochem. 33 (1927), 440) and by 
M. Randall, and F. T. Rossini (J. Am. Ghem. Soc. 51 (1929), 323), but without 
taking into account the variation of the volume with temperature. It has, 
however, been shown by H. Hamnicrschmidt and E. Lange {Z. phys. Chem. 16l> A 
(1932), 445), and by La Mer and Cowperthwaite (J. A?ti. Chem. iSoc. 55 (1933), 
1004) that the terms involving the thermal expansion make a difference of 16 
per cent, in water at 25°, i.e. more than in the case of heats of dilution (cf. p. 155). 
The expression in square brackets cannot at present be evaluated with any ac- 
ciirac 3 % but the predicted square-root law and the effect of the valency type appea r 
to be confirmed by experiment ; see F. D. Rossini {Bur. /Stand. Ees. 7 (1931 ), 47) ; 
F. T. Ouckerand H. K. Schininke {J. Am. Chem. Soc. 54 ( 1932), 1358 ; 55 ( 1933), 
1013), La Mer and Cowperthwaite (loc. cit.) have calculated the specific heats for 
ZnS 04 from e.m.f. measurements, and compared them with the above expression, 
using the values of 'Wyman {Pkys. Rev. 35 (1930), 623) to evaluate the expression 
[ ]. This leads to ■= 4*69( J ^ 7 -?)^ vy. In a subsequent paper La Mer 

and Cowperthwaite liave applied the results of the La Mor-Gron\vall-Sand\'ed 
theory (ef. p. 280) to this problem. It appears that the Bcbye-Hiickel limiting 
law^ will only be obeyed for extremely small concentrations (%/< 0-004). (A 
review of the subject has been given by F. T. Gucker, Chem. Rev. August, 1933.) 

F. Zwicky {Proc. Acad. Sci. 12 (1926), 86; Fhys. Z. 27 (1926), 271) lias 
developed a theory of the specific heat of electrolytes which depends essentially 
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oti the changes of pressor© caused by the non -homogeneous electrie field in the 
neighbourhood of the ions. It appears, howe'ver, to be theoretically unsound, 
and not to be supported by experiment (see E. T- Gucker, J. Am» Chem. Soc. 
50 (1928), 1005). The compressibility of electrolytes is also of interest in this 
connexion. At Professor Debye’s suggestion, the author and his eollaborators 
have commenced work upon this problem, using the optical method with super- 
sonic waves developed by Debye and P. W. Sears (Proc. Nat. Acad. 'Washington^ 
18 (1932), 409; P. Debye, Sachs, ATcad, Math, 84 (1932), 125 ; Phys. Z. 33 (1932), 
849; S. E. Heidmann and H. R. Asbach, ibid. 34 (1933), 494). The problem, of 
compressibilities from the point of view of the interionic theory has also been 
treated hy other authors. (Cf. the article by F, T. Gucker in Chem, Rev. August, 
1933.) 

The coefficient of in (273) is termed the chemical potential. In 
the case of ideal dilute solutions, the chemical potential i is given by 


Ec[uatioii (273) thus shows how the ideal ehemical potential is modified 
by the presence of the electrostatic forces. The chemical potential of 
the real solution is ohtained by replacing the concentration rf^ by the 
activity being the activity coefficient. We then have 


(274) 


2 

and thus from (273), log/^ = — (275) 

In dilute solutions, ff can be replaced by 

The activity of the solvent is also affected by the dissolved ions, the 
activity coefficient being given by 


•’•2 


^D.kT 


Thus the electrostatic forces decrease the activity coefficient of the 
ions, but increase that of the solvent. 


Equations (275) and (276) can be deduced somewhat more simply from the 
general thermodynamical considerations on p. 45. Thus the total work of charging 
can be written according to (96) or ( 125) in the form 

'i, (277) 


where W{^~. 

N 

By comparing with (247), this gives 


We now introduce the activity potential, defined by 


■ JcT 


3Do kT 




(278) 

(279) 


t See p. 46. 
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which refers to the solvent, has the value zero. Equations (97), (100), 
and ( 279 ) then give _ 


log/, = logj^,4- 2^ Nj 


d\oghj 


( 280 ) 




which leads to 

The activity coefficient of the solvent can be shown to be given by 

i 

The last two formulae are deduced in detail as follows. We have 

^loghj __ CK 

eNi ” iBoicTeWi 


( 281 ) 


and from (217) and (270), 


Bk 


< L2ra»zi j'l 


SO that 


2 




d log hj 


eN, 

2 




^ BJsr, 


2^ 

^ V 


( 282 ) 




^QD^JcT. 

Equations (275) and (276) are then obtained by neglecting the term 


iK 


SDokT^' 


V 


in (282), which is permissible in dilute solution, where the volume of the ions is 
small compared to the total volume F. 

The logarithm of the activity coefficient of an ion in a sufficiently 
dilute electrol 3 rte solution is thus related to the ionic strength J by 
equations (224) and (275), which give (283). 


l^gio/i = 


e^z- 


,/c. 0*4343 


3f(2i7)i. 


(2S3) 


2D, kT 

— 

“ {I>VW 

This equation agrees with the hypothesis of the independent activity 
coefficients of ions, formulated empirically by Lewisf long before the 
advent of the Debye theory. According to this principle, the activity 
coefficient of a given ion depends only upon the total ionic strength of 
the solution. In the case of a single electrolyte, the ionic strength is 
proportional to the molarity y, so that in this case 

1*28X10® 


logio/i= 


(2S3') 


t See p. 73. The empirical considerations of Lewis iind Randall gave the variation of 
the activity coefiicients with the eoneeiitratiou and the charge. The theoret ical limiting 
law gives in atldition the numerical factor and the variation with the dielectric constant 
and the teinperature. 

/ 
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In the special ease of binary electrolyte of valency z, this becomes 

logio/i I* I ^ 

since in this case, 2/ = z^y. 

We shall now turn to the application of the theory to solubility data,, 
which are especially suitable for testing it. 

31 . Solubility Influences for Completely Dissociated 
Electrolytes, according to Debye’s Theory f 
We shall now consider the bearing of the above deductions on the solu- 
bility product P of a completely dissociated electrolyte. J We wish to 
investigate the change in solubility caused by the addition of other 
completely dissociated electrolytes, the ions of which will not combine 
with those of the first electrolyte to form molecules. 

We shall first consider the equilibrium between the electrolyte and 
the solid phase without any added electrol 5 rbe. As before, we suppose 
one molecule of the salt to dissociate into ions designated 

by I,.,., The solution, contains N molecules. We have then from 

(273), (275), and (276) that the variation in the thermodynamic potential 
is given by 

80 = 8J\^o^8o-f SiV'oATlog(no/o)+8JV' Vi{^i+kTlog{nJi)], (284) 
where the sign 2" refers to summation over the solutes, but not the 
solvent. The variation in the thermodynamic potential of the solid is 

given by g^, ^ 2' i,. 5N', (285) 

where N' is the number of molecules in the solid phase. If we consider 
the transfer of one molecule from the solid phase into the solution, 
-we have ^^=0, BN = SN', = 


The equilibrium condition 


thus becomes 

S(<D+4)') = 0 

r vSi+k'piogin.m-j,' vS'i = 0, 


i.e. 

2' I'ilogCWi/i) = logi:^, 

(286) 

where 

logK,^ vSi-U 

(287) 


depends only on the temperature and the pressure, and deter- 
mines the solubility of the solid phase in the pure solvent . is theie- 


t This theory was first given by Uebye, Chem. Weekblad, 20, No. 42 (1923), 562. 
t This subject has already been treated from a different point of view. See p. 73. 



§31] SOLUBILITY INFLUENCES FOR DISSOCIATED ELECTROLYTES 127 
fore termed the solubility constant. f (286) can also be written ia the 

w Mr = El. (288) 

i 

By a generalization of (78), the solubility product is defined by 

logP = Y (^S9) 

or (2sr) 

We thus see that at constant temperature and pressure it is not the 
solubility product P which remains a constant, but the expression in 
(288), in which the concentrations in (289') ha^e been replaced by 
activities. It is again convenient (cf. (146')) to introduce the mean 
activity coefficient for the whole electrolyte defined by 

log/ = T log/f (*' = J (290) 

or f = 1X7?- (290') 

i 

Introducing this relation, (288) becomes 

logP+i^log/=: logA”; (291) 

or, = (291') 

If we now* add a second electrol 3 d;e, the activities of the ions corre- 
sponding to the solid phase will be altered, and the equilibrium will be 
disturbed. This effect will be present even when the added electrolyte 
and the first electrolyte have no ions in common. If after the addition 
of the second electrolyte the concentrations and activities of the ions 
of the solid phase are and we arrive just as before at the relation 
T VilcgMi) = log&V (292) 

Introducing again the solubility product 

logP = Vflog^i (293) 

and the total activity coefficient for the dissolved salt 

>' log/ = T •'f log/i. (294) 

we have P/*' = (-^5) 

The ratio of the activity coefficient of the dissolved salt in presence of 
added electi*olyte to its activity coefficient in the pure solvent is then 
given by (291') and (295) as 

/P\ 




J 


(296) 


Before w^e continue with the calculation of solubility effects, we shall 
try to give a picture of how the interionic forces cause the solubility to 
be increased by the addition of salts. Consider first a saturated solution 

■f The same relation follows from the treatment on p. 47. 
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to whicii a second electrolyte haYing a common ion is added. Accord- 
ing to the classical theory, this should always hring about a decrease 
in solubility, t We may consider e{][mlibrium to he characterized by the 
fact that the probability of the simultaneous transfer of the ions of the 
solid phase to the solution is eq[iial to the probability of the reverse 
process. If now the number of one of the species of ions is increased, 
the first probability will become greater, and if this increase is the only 
way in which the probabihty of transfer can be affected by additions, 
then the decrease of solubility predicted by the classical theory wUhCe 
the only effect produced. Looked at from a somewhat difierent point 
of view, the addition will repress the dissociation of the salt, and tend 
to increase the concentration of xindissociated molecules. Since, how- 
ever, this last concentration must remain constant in presence of solid 
salt, solid must separate out, and the total solubility is decreased. 

These considerations neglect the presence of the interionic forces, the 
effect of which will be to promote the passage of ions from the solid to 
solution, and to hinder the reverse process. Moreover, this effect will be 
greater the more concentrated the solution, so that the addition of 
electroljrte will increase the prohability of the transfer of an ion from 
the solid to the solution, and decrease the probability of the reverse 
process. (This is another way of stating the fact that the activity con- 
centration of an ion decreases with increasing ionic concentration.) The 
effect due to the interionic forces is thus opposite in sign to the effect 
caused by increasing the concentration of one of the ions which con- 
stitute the sohd phase. It is thus clear that the net effect may he either 
an increase or a decrease in solubility according to which effect is the 
greater. An increase in solubility will he observed much more often 
when the added salt is of a high valency type, since in this case the inter- 
ionic forces are much greater. In some cases complex formation also 
occurs, which will decrease the concentration of the undissociated part, 
and hence increase the solubility.:}: 

We shall deal here with the cases in which complex formation is very 
improbable, especially the work of Bronsted and La Mer§ which deals 
with the effect of salts not having a common ion. Their results provide 
a most elegant confirmation of the Dehye-Hlickel theory of activity 
coefl&cients. 

t Seep. 37. t See note top. 38. 

§ BronstedandEaMer, J.Am. Chem.Soc. 46 (1924), 555. S. Popoff andE. Neumam 
[J. Phys. G?ie7n.34t (1930), 1853) have recently determined th.e solubility of silver chloride 
in extremely dilute solutions (down to 2xl0“*X.) and find excellent agreement ■with 
Debye’s limiting law. 
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Eq[uation (296) can be written in the form 
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7Y 


P 

P’ 


(296') 


For the small concentrations M^e are dealing with here we may replace 
Vi yi* Bronsted and La Mcr used four saturating salts of valencj- 
types 1-1, 1-2, 1-3, and 3-3. In these cases we have from (289) and (296), 

1=^ Le. — log-^=log^, (297) 

j y f y 

where y and y axe the solubilities in pure water and salt solution re- 
spectively, expressed as molarity. The ratio of the activity coefSicients is 
thus simply equal to the reciprocal of the ratio of the solubilities. 
According to (283), the limiting law for the activity coefficients of 
binary salts in water is 

0° login/ = logio/i = logio/a = -0-486V/ = — 0-344Vr\ 

16° logio/ = logioA = logioA = -0-498V/ = -0-352Vr|, (298) 

20° logio/ = logi9A = logioA = -0-505VJ = -0-357^'^j 

where V is the total ionic concentration (see p, 42). Similarly, for 

1-2- valent salts at 15® 


logioi = i(2 logxo/r+logio/s) = -2 X 0-352 VP, (299) 

and for 1-3-valent salts at 15® 


logio/ = i(3 logio A+ logioA) = — 3 X 0-352Vr. (300) 

The summation in (223) extends over both dissolved salt and added 
electrolyte. Thus if T is the ionic concentration in the pure solvent 
saturated with salt, and P the same quantity in the presence of added 
electrolyte, equations (297)-(3O0) become 


logio- = -log 

7 

logic- = -log 
y 

logic- = -log 

7 


J. 


0*352(Vr— VP) for 1-1-valent salts at 15®, 


= 2x 0*352(Vr— VP) for 1-2-valent salts at 15®, 


10 


/ 


3x 0-352(vP— VP) for 1-3-valent salts at 15®. 

(301) 


Thus if logiQy/y is plotted against VP, the points for each saturating 
salt should fall on a straight line, independent of the nature of the added 
electrolyte, and the three straight lines should have the slopes 0-352, 
2x0*352, and 3x0*352. If these straight lines are extrapolated to 
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Vf = 0, thej will cut the ordinate axis at the point since when 

Vr = 0, logio/ = 0. When measurements are available in very dilute 
solution, this extrapolation can be carried out very accurately. Then 
we can write 

-logio/ = logio ^ - logio/ (302) 

and plot the values of —logio/ thus obtained against Vf . Fig. 25 shows 



some of Bronsted and La Men’s experimental results plotted in. this way, 
the different points on the three straight lines corresponding to the 
addition of salts of widely differing valency types. 'f* The 1-1- valent 
saturating salt used was 

[Co(NH3)4(If02)(CNS)][Co(NH3),(NO^ 

(Thiocyanato-nitro) , 

the 2-1 -valent salt 

[Co(NH3),(CA)]2(S206) 

(Oxalato-dithionato) , 

t For the l-l-valent salt the additions were BTaCI (-f ), BlSTOs (.) and K^CoiCN)^ ( 0 ); 
for the 2-1 -valent salt NaCl (+), KNOg (©), :K^B 04 ^ BaCla ( X ), MgSO* ((^), and 
KjCo(CN)5(a); andfortheS-l-valent salfcKNOg <©) andBaClg (X). 
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and the 3-1-Yalent salt 

[Co(m3)JCo(NH3)2(lTO,)2(C204)]3 

(Luteo-dinitro). 

Fig, 25 shows that these measurements not only verify the predicted 
dependence on concentration, but also the dependence on the ionic 
strength, the effect of the valency and (within the limits of experimental 
error) the numerical factors in (301). 

Table 21 contains all the necessary data fox the effect of NaCl upon 
the solubility of the thiocyanato-nitxo salt in water at 15°. It will be 
seen that the observed solubility y increases with increasing salt addi- 
tion. The solubility in pure water is 

y = 0-0003355 moles/litre, 
so that — l<^gio/ == 

from which the activity coefficients can be calculated at different ionic 
strengths from (302). 

Table 21 

The effect of added NaCl on the sol'vbility of the thiacyanato-salt in 

ipater at 15° O. 


Cmc. ofNaCl 
Eq.llitre 

Solubility 
Eq.llitre X 10* 

ir 


logio^ 

y 

logio/ 

/obg. 

Jcala. 

■Diff. 

calc. 

0-0000 

3-355 

0’0003355 

0-01831 

0-0000 

0-0088 

0-980 

0-979 

0-001 

0-0003 

3-377 

0*0006375 

0-0252 

0-0028 

0-0116 

0-975 

0-971 

0*004 

0-0010 

3-405 

0*001340 

0-0366 

0-0065 

0-0153 

0-965 

0-959 

0-006 

0-0020 

3-451 

0*002345 

0-0484 

0-0124 

0-0212 

0-952 

0-946 

0-006 

0-0100 

3-627 

0*010363 

0-1015 

0*0340 

0-0428 

0-906 

0-890 

0-016 

0-0200 

3-790 

1 

0*020379 

0-1428 

0-0531 

0-0619 

0-867 

0-848 

0-019 


Recent investigations by La Mer, King, and Masonf show that the 
effect of added KIN'Og and MgSO^ upon the solubihty of the 3-3-valent 
salt rr 


agree well with the Debye-Hiichel theory up to an ionic strength of 
J = 0*007 . This is seen from Fig. 26, where lc>gio(y/y) plotted against 
V/. (The circles refer to KlSTOg, and the squares to MgS 04 .) — logjo/ 

t V. K. La Mer, C. V. King, and C. F. Mason., J. Am. Chem. Soc. 49 (1927), 363, 410. 
See also La Mer and F. H. Goldman, ibid. 51 (1929), 2632 (solubility of La{ 103)3 and 
Til O 3 ) and B. H. Peterson andE. L. Meyers, ibid. 52 ( 1930), 4853 (solubility of Cu(I 0 s) 2 ). 
E. W. ISIeumann, ibid. 54 (1S32), 3195; 55 (1933), 879 (solubility of AgCl in aqueous 
solutions of the sulphates of H, K, Ca, 3Ig, and La, and the nitrates of K, Ba, and La: 
also the solubility of BaSO^ in aqueous solutions of KCl, MgCL„ Mg(N 03 ) 2 , 

L 
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can be calctilated from (302), or read directly from Fig. 26. Fig, 27 
illTistrates tlie fact that the slope of the hue is very much greater for 
3 - 3 -valent salts than for the types previously mentioned. 

Matters are not so simple in the case of the unsymmetrical complex 
salts 


[Co(NB:3)e][Co(¥H3),(NO,)2C,Oj3 





If tlie added electrol 5 des contain only univalent anions (e.g. ElNOg, 
BaClg, NallOg), the results obtained with, these salts agree excellently 
with, the Debye “Hiiekel limiting law. If, however, anions of higher 
valencies are introduced (e.g. K 2 SO 4 , MgSO^, El 3 De(C]Sr) 6 ) considerable 
discrepancies are observed. This is illustrated by Fig. 28, in which, 
—log/ is plotted against VJ for the second of the complex salts shown 
above. It will he seen that the experimental curves show no signs of 
approaching the theoretical limiting law, even at concentrations some- 
what helow J = 0-0005. 

These discrepancies between theory and experiment may he expressed 
as a term proportional to /, agreeing with the theory of Gronwall, 
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La Mer, and Sandyed, which, we shall deal with later in the chapter on 
concentrated solutions. f 

The theory appears to predict correctly the effect of temperature: 
see e.g. the measurements of BazxterJ on the solubility of silYer iodate in 
various salt solutions at 75 ^, 





Fig. 27. The eKect of valency on. the activity coefficients of complex salts. 


The effect of the dielectric constant has been tested by a number of 
investigations in non -aqueous solvents, chiefly methyl and ethyl alcohol 
and their mixtures with water .§ These investigations were carried out 
partly by means of e.m.f. determinations, and partly by solubility 

t Seep. 270. 

i W- P. Baxter, J. Am. Ckem. Soc. 48 (1926), 615. 

§ See VV. F. Baxter, J. Chem. Soc. 48 (1926), 615 ; G. Scatchard, ibid. 47 (1925), 
2098; A. A. Xoyes and W. P. Baxter, 47 (1925), 2122; G. Nanhebel and H. Hartley, 
Phil Mag. 50 (1925), 729; J. W. Woolcock and H. Hartley, ibid. (7) 5 (1928), 1133; 
J. A. V. Butler, Proc. Roy. Soc. 129 A ( 1930), 519; J. N. Bronsted and J. W. Whlliains, 
J . Am. Chem. Soc. 50 (1928), 1338 ; Bronsted, A. Delbanco, and K. Volqvartz, Z. phys. 
Chem. 162 A (1932), 128 ; Williams, J. Am. Chem. Soc. 51 (1929), 1112; Hansen and 
Williams, ibid. 52 (1930), 2759. 
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measurements. In many eases the results obtained agree well with the 
theory, hut deviations are more frequent than in water. Thus J. "W, 
Williams (loc. cit.) found that the effect of added salts on the solubility 
of 1-1-valent salts in methyl alcohol agrees well with the Dehye- 
Etickel liTTii ti-n g law, while for 1-2-valent salts there were considerable 
discrepancies between the observed values and the theory even at the 
lowest concentrations studied, t 





Fig. 28. The activity coefficients of the unsymmetrical salt 
[Co(NH 3 )e] + ++[Co(NH 3 ) 3 (N' 02 ) 2 C 204 ]“ in salt solutions- 


rh-is may "be illustrated in the following maimer. The dielectric con- 
stant of methyl alcohol at 20° is about 30, which gircs on substitutiag 


in (283) and (290) 


— logic/ = 2\ziZs\^J. 


Table 22 contains a comparison of the theoretical and experimental 
values of 2\ziZ^ \ for saturating salts of dijfferent types (1-1, 2-1, 3-1), 
and various added electrolytes. 


t R. P. Seward and W. C. Seliumb (J. A7n. Chem, Soc. 52 (1980), 3692) and C. A.. 
Kraus and Seward («7. Phys. Ghem. 32 ( 1928), 1294) found deviations from the theoretical 
laws even for 1-1-valent salts in ethyl and isopropyl alcohols. See also Robinson, ibid. 
32 (1928), 1089. Differences of the same kind were found by Karned and M. H. Pleysher 
(J - Am. Chem. Soc. 47 (1925), 82) for HCl in ethyl alcohoL 
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Table 22 


Complex salt 

Type 

Salt added 

Observed 

value 

Calc, imlue 

Croceochlorid© 

M 

C^HsSOaNa 

1-7 

2 

Croceochlorid© 

1-1 

KSCN 

1*7 

2 

Croceochlorid© 

1-1 

Ba(C 103 ), 

2-5 

tf> 

jd 

Croceochlorid© 

1-1 

(C^HsCCOaSr 

1-7 

2 

Xanthochloride 

2-1 

KSCN 

4 

4 

Xanthochloride 

2-1 

BaiaOa), 

6 

4 

Xanthochloride 

2-1 

(C,H.COO)sSr 

6 

4 

Luteobromide 

3-1 

KSCN 

11-5 1 

6 


, The deviations from the theoretical value are particularly marked 
lor the higher valence types. They resemble the deviations found in 
aqueous solutions, and are probably theoretically explicable on the 
basis of the theory of Gronwall, La Mer, and Sandved.f In any case, 
in solvents of low dielectric constant difficulties arise (which are 
absent for aqueous solutions) due largely to the fact that the solute 
molecules are not completely dissociated, and it is necessary to take 
into account the association and solvation of the ions, besides other 
factors. 

The available experimental data on solubilities thus lead to the con- 
clusion that the Debye-Huekel limiting law holds more or less exactly 
at high dilutions for aqueous solutions, and to a more limited extent 
for non-aqueous solutions. We shall return later to the deviations 
observed for somewhat more concentrated solutions and non-aqueous 
solvents. The possibility of a theoretical explanation of these deviations 
will also be dealt with. J 

t See p. 270. A decrease in dielectric constaat will have a similar effect to an increase 
in the valency. la a private communicatioa to the author, Professor La Mer statues that 
the mathematical series occurring in his theory are much less convergent for low values 
of the dielectric constant, so that the theory cannot at present be applied in these cases. 
R. P. Seward and C. H. Hamblet (J. Am. Chem . Soc. 54 (1932), 554) measured the solu- 
bility of KCLO4 and KNO3 in solutions of 1- 1- valent salts in acetic acid (dielectric 
constant about 6-3), and found that their results could be explained fairly well by the 
Debye-Huckel theory (cf , p. 250) by assuming a fairly large a-parameter (c. 9 X 10“® cm.). 
The theory of La Mer, Gronwall, and Sandved (see p. 270) gives still better agreement. 

t See p. 250. It should be emphasized that neither the” polarization of the solvent by 
the ions nor the unequal size of the ions (see Scatchard, Phys. Z. 33 (1932), 22) nor 
the departure of the potential from spherical sjunmetry (see Scatchard and Kirkwood, 
?hy%. Z. 33 (1932), 297) have any effect upon the limiting law. 
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32. Salt Effects, According to Detye’s Theory. (Osmotic Pres- 
sure and Activities in Dilute Mixtures of Electrolytes and 
Non -electrolytes. Salting -out Effects. Neutral Salt Action.) 

A. Intrcductoryi remarks. 

The deviations of strong electrolytes from classical laws are not con- 
fined to their behaviour in solutions containing only electrolytes, but 
extend also to mixtures of electrolytes and non-electrolytes. A familiar 
example of this is the salting-out effect (and the reverse effect of 
increased solubility). A further interesting set of phenomena is met 
■with in the effect of adding a salt containing a common ion to a solution 
of a weak electrolyte when the repression of dissociation is less than that 
predicted by the classical theory. These phenomena (usually termed 
neutral salt effects) are closely connected with the effect of added salts 
on hydrolysis. 

All these phenomena can be explained on the basis of interionic 
forces. The characteristic properties of strong electrolytes are due to 
the large number of free electric charges formed by their dissociation. 
All the phenomena mentioned above can be classified together under 
the name of 'salt effects’ or 'electrolyte effects’. The salt effects which 
refer to states of equilibrium can be divided into two main classes, 
according to the type of phenomena involved. 

The first class comprises those phenomena in which only the solvent 
is directly involved in the equilibrium measured, while in the second 
class of phenomena the solute undergoes changes in. concentration. 
Examples of the first type are osmotic pressure, freezing-point depres- 
sion, etc., while the second class includes mass action phenomena, solu- 
bility effects, electromotive force, etc. An example of the first class is 
the interaction of an electrolyte and a non-electrolyte, which was first 
observed by Tammannf and Abeggf in cryoscopic results. Thus suppose 
that a solution containing y moles of a non-electrolyte per litre exhibits 
a freezing-point depression Ay, and a solution containing y moles of an 
electrolyte per litre a freezing-point depression If now a solution 
is taken containing simultaneously y moles of non -electrolyte and y 
moles of electrolyte per litre, it is found in general that the freezing- 
point depression A observed is greater than the sum 
The salting-out effect is the decrease in the solubility of a non -electro- 
lyte caused by the addition of an electrolyte. Often an increase of solu- 

t G. Tammann, Z, fhys. Chejn. 9 (1892), 108. 
t R. Abegg, ibid. 11 (1893), 259. 
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bility results, in which case we may speak of a ‘salting-in effect’. Prom 
a thermodynamic point of \riew the two effects are closely related. 

The effect of added salts may he seen most clearly by considering the 
osmotic pressure. To take a concrete example, we shall consider why 
the osmotic pressure of a solution containing a mixture of sugar and 
salt is greater than the sum of the osmotic pressures exerted by the same 
amounts of sugar and salt when present separately. We shall confine 
ourselves to dilute solutions, since it is only in the dilute range that a 
valid theory can be obtained. The solution of sugar and salt can he 
brought to any desired concentration by means of a semi-permeable 
piston, which is permeable to water, but impermeable to both solutes. 
If during a small displacement of the piston the volume of the solution 
changes hy dV, the work done is — P dV, where P is the osmotic pressure. 
If the electric charges on the ions are not taken into account, we must 


have 


P = Pyi-P^, 


where Pn and are the osmotic pressures which would be exerted by 
the non-electrolyte and the electrolyte respectively if present alone. 

The ions are surrounded hy an electric field, which will possess a 
certain energy. If (£ is the field strength in a given volume element, 
electrostatic theory gives the energy per unit volume as 


Stt 

The electric displacement P(£ is proportional to the charge, and hence 
remains constant during the movement of the piston. An additional 
amount of work will, however, be necessary if the concentration in- 
crease brought about by the movement of the piston causes a decrease 
of dielectric constant. Since actually most non-electrolytes do lower 
the dielectric constant of water, we may attribute the interaction of 
electrolyte and non -electrolyte (which appears in many cases as an 
increase in the osmotic pressure) to the work necessary to increase the 
energy of the electric field. It should be mentioned that a few non- 
electrolytes increase the dielectric constant of water. In these cases the 
osmotic pressure of the solution will be less than the sum of the osmotic 
pressures of the single solutions, and the solubility of the non -electrolyte 
will be greater in the salt solution than in pure water. It should also 
be emphasized that the use of the macroscopic dielectric constant to 
characterize the dielectric action of the solvent corresponds to a highly 
simplified picture, which we are forced to use in the absence of any 
microscopic theory of the processes involved. Making this simplification, 

S595.7 rp 



138 THEBMODYMAMICS. DEBYE’S THEORY [§ 32 

can as before calculate the electrical work term which must be added 
to the classical expression for the free energy. The corrected free energy 
expression can then be employed to obtain the activity coefficients of 
the various species present. It is found that when the non-electrolyte 
lowers the dielectric constant of the solvent, the addition of the electro- 
lyte will increase the activity coefficient of the non-electrolyte. If the 
non-electrolyte is present as a solid phase, its activity will be constant 
at constant temperature, and since the activity is equal to the product 
of the concentration and the activity coefficient, the increase in the 
activity coefficient will cause a decrease in the solubility. This corre- 
sponds to the ordinary salting-out effect. 


3. Osmotic pressure and activity in dilnie mixtures (salting~out effect). 

In order to find the additional free energy caused hy the presence of 
the ionic charges, we shall proceed in the same way as before (p, 112). 
We imagine the ions discharged in an infinitely dilate solution, and 
recharged in a solution of finite concentration. The work necessary to 
carry out this process is the additional term required. If the solution 
contains ions of the species l,...,i,...,a having charges 

Cg the work W is given as before byf 


W 


--li 






(303) 


For the sake of simplicity, an ion of the ith sort is considered as a sphere 
of radius which is charged first in pure water of dielectric constant 
Dq, and subsequently in the solution of given concentration and 
dielectric constant D^. The third term in (303) represents to a first 
approximation the work done against the interionic forces, k is the 
reciprocal thickness of the ionic atmosphere (221). Since we are deahng 
only with a first approximation, we can represent the dielectric con- 
stant of the mixture hy the linear interpolation formula 

= I>oil—dc7L—^n'), (304) 


where n and n' represent the number of molecules of non-electrolyte and 
electrolyte respectively per c.c., and a and /S are two constants which 
may be determined from experiment. It is known with certainty that 
the addition of a non-electroljTte as a rule lowers the dielectric constant. 
In the case of electrolytes, the experimental data do not as yet permit 


t See P. Debye and J. McAulay, Fkys. Z. 26 (1925), 22; G. Scatchard, J. Am. Ohem. 
Soc. 47 (1925), 2098 ; Chern. Rev. 3 (1927), 384; P. Debye, Z. phys. Ohem. Cohen -Festband 
(1927),p. 56. 

t a. p. 1 15. K is defined by (217); Do is replaced by D„^. 
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an 7 definite conclusion to be drawnf. We shall, however, show in the 
following treatment that the constant jS is of no importance in the first 
appro x imation term. We mtrodnce (304) in (303) and expand 1/Z3„ in 
the second term in powers of n and n', retaining only the first term of 
the expansion, and write for in the third term. We then havef 


W 


'■ an ^ 


2Dcbi 


-^'2 


2-0, i< 


3D, 


(305) 


We sTiall aow use the expression for W to obtain the corrected osmotic 
equation of state. It has been previously showu§ that the osmotic 
pressure is given hy (244), where P is the classical expression for the 
osmotic pressure of the ideal solution arid — dWIdV represents the 
correction due to the interionic forces. F is the volume of the solution 
which we imagine altered by dF by means of a semi -permeable piston . 
The two first terms of (305) depend upon F, since 

N , N' 


n = 


7’ 






(306) 


where N and N' are the numbers of molecules of non-electrolyte and 
electrolyte respectively present in the whole solution. The third term 
in (305) contains hq and therefore depends upon the volume. [[ We thus 
have from (250) 


ew 

dV 







2J)^bi ^ 




According to the classical theory we have 


F = %hT+J^n^kT, (3D7) 

If one molecule of the electrolyte dissociates into of the species 
1 ,,.., Vq of the species s, having valencies 2 ^,,.., ., 2 :^, we have 

72,. = ei = Zi€, (308) 


Introducing the abbreviations 
V = 'En 


Py 


nkT 




■”0^^ S ^j~T\ 
QF^kT V I 


:p 


^ 7lvn'€^ zf 
^ u 2. b.. 


( 309 ) 


•f See footnote, p. 283. 

:J; The quantity previously termed k (221) is called kq in this section. 
§ Seep. 113. 11 Since m = JVi T, 
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we can write for the osmotic pressiiref 

P = P^+F^+:p. (310) 

We can tkus consider tlie osmotic pressure as being composed of 
three parts. The first is the osmotic pressure Py which would be exerted 
by the non-electrolyte if present alone in the solixtion. The second, 
is by (254) the osmotic pressure which the ions of the electrolyte 
would exert if present alone in the solution. The third term is positive 
or negative according to the sign of a. (309) may be written in a some- 
what more convenient form by introducing a mean radius b defined by 


^ 6. 6 


(311) 


We may compare the value found for p with the osmotic pressure P 
which would be exerted according to the classical theory (see (307)). 
We then have 

(312) 


^ = a 


nv% 




7l-\-V7h' V 




According to this formula the ratio pjP is proportional to the product of 
the concentrations of the two components, and inversely proportional 
to their sum. Other factors are the valency factor 2 the ratio 

of the electrical energy of the central ion e^/2Z)ob to the thermal energy 
hT. The proportionality factor S is a measure of how much the dielectric 
constant of water is lowered by the addition of the non-electrolyte. 
If d is positive, a positive abnormal change in the osmotic pressure is 
produced, while if d is negative, there is an abnormal decrease. 

We shall now calculate the effect of the electrolyte on the activity 
of the non-electrolyte, using the general considerations developed on 
p. 121 . If we write the electrical energy contribution W in the form 

(313) 

the activity potentials are defined by (278). Using equations (303) 
for W this gives 

71^ ef 4 /Co 

2D,b.^ 2I)^bi 2D^kT' 

The activity potential of the non-electrolyte is thus unity, and only 
activity potential of the ions differs from unity. The general considera- 
tions of pp. 45 and 123 give for the activity coefficient of any 


t The term fin' 


2D,kTZ^ b, 


approximation w© are employing. 


has been omitted in P^, which is permissible in the 
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log/i = logAr 


V ^ hj 

dN, ■ 


Symbols referring to the non-electroljie -wfll be distinguished by 
having no index. As stated above, 

h=l, log/i = 0. (316) 

Again introducing N =7iV for the non-electrolyte, (314) and (315) give 

If we employ the mean ionic radius h defined by (311) and replace 
ej by log/ can be written in the form 

(318) 

Thus as long as S is positive, the activity coefiS^cient of the non-electro- 
lyte is increased by an amount proportional (as a first approximation) 
to the number of ions added. Since the activity is the determining factor 
in the equilibrium between the solid phase and the solution, the increase 
in activity coefficient necessitates a decrease in the concentration if the 
equilibrium is to be maintained, i.e. the non -electrolyte is salted out. 
If its solubility is [L^ before the addition of electrolyte and (X) after 
the addition .j . 

(X)/=(Xo), i.€. (319) 

We shall now compare the experimental data on freezing-point depres- 
sions with the theoretical predictions. As an example we shall take the 
data of Eivettf on the freezing-points of solutions containing cane 
sugar and various electrolytes, e.g. KCl. In Table 23 the first two 
columns contain the concentrations of the electrolyte and non-electro- 
lyte respectively in moles per litre (y' and y). The freezing-point 
observed in the mixture is termed and the freezing-points for the 
electrolyte and non-electrolyte when present alone, and Ay, re- 
spectively. The difference 

^ = A-(A£-bA.v) (320) 

is given in the third column of Table 23. 8 is here always positive, as 
oinginally found by Tammann. The fourth column contains A, the 
freezing-point of the mixture calculated according to the classical 
van ’t Hoff laws. The fifth column gives the ratio 5/ A, which is equal 
For small concentrations, (312) should hold. 


A. C. D. Bivett, Medd. K. Vetmsk.~akad. IS obeli nstitut, vol. 2 (1913), Ko. il. 
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Introducing y and 7 ' in place of n and 7h' 

N 


Fnrtker, can Ibe defined by 

= Z)o(l— aTi) = Do(l— ^7) , 


where 


A = 


N . 

1,000 


(312) thus becomes 


8 . yyy' 2 

A 7 +V 7 ' V ^D^hlcT 
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(321) 

(322) 


(323) 


In our case v = 2, The sixth column of Table 23 contains the ratio of 
S/A to 2yy'l(y+2y'), and it is seen that the Talue- obtained varies but" 
little with concentration. On drawing a curve through these points 
(which involves a certain degree of arbitrariness), it is seen that the 
limiting value for low concentrations should be about 0*22, If we insert 
the numerical values of e and k in (323) and put = 88-2, T — 273, 
we have 




S/A 


Table 23 


y' 

{Salt) 

y 

{Sugar) 

i 

8 

A 

1 

A 

a/A 

2yy7(y4-2y0 

0-1402 

0'3717 i 

0-038 

1-213 

0-0313 

0-196 

0-2359 

0-6108 i 

0-116 

2-014 I 

0-0576 

0-216 

0-3690 

0-8571 i 

0-272 

2-967 

0-0917 

0-231 

0-466.7 

0-7562 

0-282 

3-144 

0-0897 

0-215 

0-7030 

0-5114 ; 

0-269 

3-566 

0-0756 

0-201 

0-9414 

0-2639 

0-177 

3-993 

0-0443 

0-191 


y v-z} 

In the present instance 

V 

According to measurements by Hanington'f the dielectric constant 
of sugar solutions can be expressed by the formula 

An = A(1-0D797) 

so that A ™ 0*079. 

(311) then gives for the mean radius of the K+ and Cl“ ions 
0*070 

6= 3-45 X 10“^ = 1*24:X 10~^ cm. 


This radius is of the order of magnitude expected. Similarly, Rivett’s 
data for the effect of K 2 SO 4 , Mg(lT 03 ), and CUSO 4 upon the sugar solu- 
t E. A. Harrington, Fhys, Rev. 8 (1916), 581. 
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tion. lead to reasonable values for the mean ionic radii. If we remember 
that the idea of a homogeneous medium of known, dielectric constant 
extending right up to the ion is a very crude one, this result must be 
regarded as satisfactory. We can at least consider the general theory 
of salt action described above as probably correct. f It is especially 
interesting that Harrington found urea to be one of the few substances 
which raise the dielectric constant of water. Harrington’s data at low 
concentrations are represented by the formula 

= £>^(l+0-038y). 

We should therefore expect that a mixture of urea and a strong electro- 
lyte would give a smaller freezing-point lowering than the sum of the 
separate lowerings. McAulay found experimentally that this actually 
was so. 

Introducing the molar concentration y into (318) we obtain 

^ 

V b 

Taking the case of KCl and sugar and using the value given above 
A = 0*079, this gives an increase of 19 per cent, in the activity coeffi- 
cient of sugar for an addition of 0-4 mole KCI per litre. 

C, More exact theory qf the saltiwg-out effect. 

We shall now consider in more detail the question of the salt effect:]; 
and at the same time obtain an improvement on equation (31 8). It is 
possible to obtain a clearer picture of the state of affairs in the neigh- 
bourhood of an ion, if we assume that the interionic forces are the only 
forces acting. We shall show that it is possible to accoimt for a con- 
siderable part of the salting-out effect, though this fact in no way ex- 
cludes the existence of other forces or chemical combinations which may 
be of importance. 

•f* Fop further examples, see the article by G. Scatchard, Chem. Rev. 3 (1927), 383. 
Scatchard shows that various dielectrics lead to approximately the same values for b. 
For the case given above he obtains 6 = 1*3 x 10"® cm. F. H. MacUougall and D. R. 
Blumer {J. Am. Cheni. Soc. 55 (1933), 2236) found approximate agreement with the 
theory of Debye and McAiilay in the case of aqueous solutions of acetic and sulphuric 
acids. The formulae of Debye and McAulay are also applicable to the solubility of 
gaseous non-electrolytes in electrolyte solutions. See e.g. the investigations of M- S. 
Sherrill and E. J. Izard (J. Am. Chem, Soc. 53 (1931), 1667) on the solubility of chlorine 
in strong electrolytes . 

ij: The theory was given by Debye, .2^- 130 (1927), 56. For a siinimary and 
discussion of earlier investigations, see Handh.rf.anjyeM?. phys. edited by G. Bredig, 

vol. vii; V. Rothmund, LosUchkeit iind Ldslichkeitsbeeinflilssung, p. 48, Leipzig, 1907. 
See also M. Randall and C. Failey, Chem. Rev. 4 (1927), 27 1 and 285 ; G. Scatchard, ibid. 
3 (1927), 383; Trans. Farad. Soc. 23 (1927), 454. For other references, see p. 149. 
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For the sake of simplicity we consider an ion as a sphere of radius 
b and charge c, surrounded by a mixture consisting of molecules of 
substance 1 and molecules of substance 2. Further, let and be 
the corresponding numbers of molecules per c.c., and 


the mole fractions. For an ideal mixture, 


( 326 ) 

where % and V 2 are volume constants for the two sorts of molecules. If 
the mixture is not ideal, % and V 2 are not constant, and it is necessary 
to introduce activities. The free energy of a volume element dV of an 
ideal mixture is according to (265) 

[n^{4i+ikTlog 57i)+n2(^2+&riog 7)2)] dV. (327) 

In order to calculate the corresponding free energy for the real solution, 
we must take into account the energy of the electric field surrounding 
the ion. For a volume element dV distant r from the ion, this has the 
valuef r ^ 

877 



where is the dielectric constant of the mixture. All q[uantities in 
this formula are in electrostatic units. The thermodynamic potential of 
the whole system is thus 


^ = J <^Fj^n,i(^iH-^nogi7i)+%2(^2+^:Tlog rj^)- 


87rr^ 


, (329) 


where the integration must be extended over the whole volume of the 
solution. O depends upon the spatial distribution of components 1 and 
2 relative to the ion. The equilibrium distribution (see p. 14) is that for 
which O is a minimum. Subject to the conditions that the numbers of 
molecules. 


must remain constant, and that at any point the values of and 
must satisfy (326). We now vary by and 7^2 by since the 


*t More accurately, the potential of the ionic atmosphere (209') must also be taken 
into account, giving the value 



1 

STTT^n 


+ dV. 


{32S') 


The calculation can also be ©ashy carried out in this case. See P. Gxoss, Monatsh. d, 
Chem. 53 (1929), 64, 445. 
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dielectric constant depends upon the composition of the mixture, we 
have 


-j- SWg ^^2 + ^ ^ l<^g “^2 

Also, from (326) %S%+t? 2 872,3 = 

In order to satisfy (331), we write 

872,1 = '^2^X5 ^^2 = 

where 8^ is an arbitrary variation. Consequently, 


SttH Di 


-)i- 

^ 2/1 

(331) 

(332) 


2® = j* dVSx Vsi^i+^^^oSVi- 


e2 1 an. 


8 irr*D 2 dn. 


) \ 
ml 

1/ 


— X'5^1og172 


1 


)]■ 


(333) 


dn^ 

Applying the variations to (330), and remembering that (332) must 

hold, we ha™ jdVdx^O. ( 331 ) 

Since at equilibrium = 0 , the solution of the problem is obtained 
by multiplying (334) by an arbitrary constant, adding (333), and 
equating the factor of 8 ^ inside the integral to zero. Thus for any dis- 
tance r from the ion 

1 ^ 

dn^ 


Vg^H-ATlogT?!- 




— Wi/^j-f-feriogoja- 


I-^] = 


^ vv, I — const. (335) 

\ 877r*Di ' 

At great distances from the ion the concentrations are naturally 
unaffected by the electric field of the ion; if these concentrations are 
7]l and T]?^, we have for the constant in (335) 

const. = log t)^). (336) 

Inserting this value in (335) we obtain the distribution equation 




eDA 1 


^ r* 


(337) 


Thus if we know the dielectric constant as a function of the composi- 
tion of the mixture, ( 337 ) enables ns to determine the concentration of 
both components at any distance r from the ion. It is assumed that 
-C^ is independent of r, i.e. we are neglecting any phenomena of electric 
saturation in the neighbomhood of the ion. 

( 337 ) can thus be evaluated in any case, and the resulting curve for 
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as a fxmction of r used to carry out the integration o^er the whole of 
the space surrounding the ion, and thus to obtain the total effect due 
to the ion. Tor the sake of simplicity, we shall consider a mixture Y^hich 
contains only small quantities of the component 2 . ’Writing 77 and rp in 
place of 772 and we haYe also 

% = li = (338) 

The left hand side of (337) then becomes 




1-7 


-Vjlog^ V^(ri^—7]y 
Vo 




(339) 


If we now assume that the substance 2 is being salted out, 77 ° is small, 
and 77 / 77 *^ 1 . We can therefore neglect the first term in the right- 

hand side of (339) and retain only — Vi log ^ 7 / 77 ®. We also write 






Sv^irkT D^\ 


k('‘ 


a 

<)Yin 


(340) 


where is a characteristic length. Integration then gives immediately 


^ == (341) 

This equation shows that the salting-out effect decreases rapidly with 
increasing r. We shall further assume that for the small concentrations 
being considered, the dielectric constant is a linear function of 77 ^ 


and 772 , i.e. 


— 7l A+72 A* 


(342) 


This gives 

nj ^ / n f) ^2 "^1 -^2 

^ ^ (% + %)" ”(% + ^2)‘ 

Referring back to (338), since the concentration of the second component 
is small ^ ^ 

~ ~ 

If we further replace by the dielectric constant of the first component 

(340) becomes 




Z)i— i>2 

S^~Df" 


or 


P4 ^ X>2 

^nrRT D\ 


(343) 


is the volume of one mole of the first component, and R the gas 
constant. We shall for the moment assume that all the simplifications 
introduced are justified. The linear law (342) may be tested by measuring 
the dielectric constants of mixtures of 1 and 2 . Since 


Vl = ^ — 

14 = 


can be written 


(344) 
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If the dielectric constant is lowered by the addition of component 2 , 
— -^2 ^ ^ hence from (343) is positive. If addition of 
the second component causes an increase in the dielectric constant, 
< 0 and is negative. From (341), these two cases correspond 
respectively to a decrease and an increase in the concentration of the 
second component in the neighbourhood of the ion. We shall now 
calculate the total decrease or increase in concentration (i.e. salting-out 
effect or the reverse) caused by an ion in virtue of its electric field. We 
have in general 

% = 

so that for small concentrations of the second component, 


(341) gives the concentration 7 as a function of r. Thus if we have a 
saturated solution of component 2 in component 1 , also containing p 
ions per unit volume, the mean number of molecules of component 2 
surrounding an ion is given by 

7^2 dF = ^ J dF = - J (1-6 (345) 

where the integration is to he extended over the volume at the disposal 
of one ion. If we make the assumption that at a great distance from the 
ion the concentration is the same as it would be in the absence of the 
ion, then rf is the concentration at any point of a mixture containing 
no ions. The volume which corresponds to one ion after the addition 
of salt will thus contain (before this addition) 

5 ! f (346) 


molecules of 2 . Thus if and Z'^ are the numbers of molecules present 
in the solution respectively before and after the addition of salt, we 

Wi,from(545), ^ l-d-,-? >-)dF 


z. 




\ir 


( 347 ) 


The integration is to be extended over the volume available for one 

ion, so that , 1 

I dV = (348) 

J p 

Since the integrand in (347) converges rapidly to zero for large values of 
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Tj "tliG iiitcgrRt/ioii in ttio iiunicrsttor ca»ii Ido cxtoiidGci from h to co. 
Introduciag a salt factor a defined by 

oo 

cr=j (1— e-^*/^*)47Tr2dr (349) 

h 

tie salting-out efiect is given by 

Z 2 il—crp)- (350) 

Since we bave calculated the effect of the added ions only for small salt 
concentrations, the effect is proportional to p, the number of ions 


per c.o. 

We now write 

so that 


4^^ 


RH, 


r 

/> = K 


' ’ bIR 


r’ 

dp. 


For large values of B/h tMs gives the series 

\B ■ 


3 7 /_ 6\8 

'^AbI 


( 351 ) 

( 352 ) 

( 353 ) 


Small values of Rjb lead to 

3Bf, 1 IIBY, 1 1/RY 1 1 1 

*- Ti'-zislTj +¥.m -cm) + "t 

Since the integral in (349) cannot be expressed explicitly in a finite 
form, it is necessary to employ the series (353) and (354). The treatment 
giyen in the preceding section corresponds to the approximation 


3R 

b ’ 


(355) 


as may be seen by reference to (350). Numerical values fox the function 
s are given in Table 24. 


Table 24 


R 

h 







0 

0*5 

10 

1*5 

2*0 

oo 

s 

0 

1-49 

2-75 

3*33 

3-50 

3-63 


It is seen that s approaches a limiting value of 3-63 for high values of 
i?/6, i.e. even an infinitely small ion can only produce a finite effect. 

We shall now discuss some examples of the salting -out effect, tegin- 
ning with the case of ethyl ether in water. For water at 23°, = 80*3 
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and according to measurements of J. W. Williams, 25^ for the saturated 
solution of ether is 74-5. If the linear law (342) 

applies, i>i = 80*3 and = — 295, since from measurements bj Osaka f 
the saturated solution at 23^''c^tains 6*07 gm. ether and 93-93 gm. 
water, which gives ^ 

7^2 = 0*0154. 

If we add one mole of KOI to one litre of solution, then neglecting any 
volume change, the number of ions in one c.c. is p = 12*1 x 10^. For 
the limiting case of small ions, the salt factor o- is given by 

cr= 3-63^B». 

3 

Inserting in equation (343) the values 

e = 4*77 X M = 8-31 X 10^, 

Fi =18, T = 296, 

we obtain for the characteristic length 

.R = 2*49xl0--8 cm. 

and hence jjo = 0-285. 

If all our assumptions are allowable in such concentrated solutions, 
(350) predicts that 28 per cent, ether should be salted out. Measure- 
ments by Euler j; at 18*^ give salting-out effects of 33 per cent., 42 per 
cent., and 40 per cent, by one mole per litre of LiCl, NaCl, and K€1 
respectively. Thus in spite of the many approximations, the electric 
effect seems to be an important factor in the salting-out effect. 

The salting-out effect has recently been the subject of much study.§ 

f Y. Osaka, Mem. Coll, of Science, Kyoto Univ. 2 ( 1910), 2 1. 
t Euler, Z.phys. Ghem.Zl (1894), 360; 49 (1904), 303. 

§ See K. Linderstrom-Lang, Oompt. Rend. Lab, Carlsberg, 15 (1924), No. 4; 17 (1929), 
No. 13 (hydroquinone, quinone, succinic acid, boric acid); S. Glasstone and J, Found, 
J. Chem. Soc. (1925), 2660; Olasstone, D. W. Dimond, and E- C. Jones, ibid. (1926), 2935 
(eth^l acetate) ; Glasstone, J. Bridgnxan, and W. K. P. Hodgson, ibid. (1927), 635 (aniline) ; 
Kwantero Endo, J. Ohem. Soc. Jap, 47 (1926), 374; Bull. Chem . Soc. Jap. 2 (1927), 24 
(phenol); W, Herz and E. Stanner, Z. phys. Chem. 128 (1927), 399 (distribution of 
acetone, phenol, benzoic acid, and trimethylamine); J. S. Carter and R. K. Hardy, 
J. Chem. Soc. (1928), 127 (7?i-cresol) ; G. Akerlof, J. Atn. Chem. *Soc. 51 (1929), 9S4 (dis- 
tribution of diacetone alcohol); N. Sehlesinger and W. Kubasowa, Z. phy^s. Chem, 142 
(1929), 25 (ethyl acetate); E. Abel and E. Neasser, Monatsh. f, Chem. 53 54, (1929) 
855; Sitz. Akad. d. Wiss. Wien (II b), 138 (1929), 855 (Suppl.) (nitrous acid); J. N. 
Bronsted, Z.phys. Ohem. 103 (1929), 160; Chem. Rev. 5 (1928), 278; M. Randall and 
C. F. Failey, Chem, Rev. 4 (1927), 291 ; P. Gross, Afotiat^R. J. Chem. 53 54 ( 1929), 449; 
Sitz. Akad. d. Wisa. Wien (Ilb), 138 (1929), 449 (Suppl.); P. Gross and K. Schwarz, 


== 375, 
= 80-3, 
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In connexion with this work we shaE continue from eq[uation (350) 

(356) 

per can be written pa = ^ 7}’ (357) 

where the y^’s are the naolar concentrations of the ions of the added 
electrolytes. The J/s are defined as foEows. According to (344) 




= Di(l-a'c), 


J>i 

where c is tlie volume concentr^ition and 

^ _ A— A 




(358) 


(359) 


K A 

The fourth power of the characteristic length can then be written in 
the form 2 2 

^ - sig? A- <"“> 

In this case we shall employ the integral 

00 

(jr^)j = J (i_e-^/>")r2 dr (361) 

(bj = radius of an ion of the jth sort), which ac(3ording to (353) and (354) 
can be expanded as one of the following two series, 


(^.)i = A|[l-21_i(|)*-...} 


(361') 


(361") 


We have supposed here that a' > 0. We can, however, also have 
a'<0,i.e. I>„^D^(l+oc'c). (362) 

In this case (361) is replaced by 


oo 

{Jj\ = J (1 — e^l’^y dr. 


(363) 


Monatsh. d. Ckemie, 55 (1930), 287, 329; Sitz. Akad. d. Wms. Wien (II b), 139 (1930), 
179 ; P. Gross and M. Iser, ibid. (11 b), 139 (1930), 221 ; E. ILarssoii, ph]/s. Ghem. 148 A 
(1930), 148, 304; 153 (1931), 299 (benzoic acid). See also M. Kolfchoff and W. Bosclv 
J. Phys. Chem, 36 (1932), 1885. In the theory developed above the ions have been 
assumed to be spheres with charges at their centres. In the case of most organic ions 
this assumption is certainly not true, which may lead to the deviations from the theory 
observed in this case. Certain anomalies which cannot be explained by Debye’s theory 
have been discussed by P. M. Gross {Chem. iSeu., August, 1933), who also gives a general 
account of the salting-out phenomena. 
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TMs gives e.g. if > 

the series 


K)2 = 

= -rS/n- t 

(363') 

The formula Z'^ 


(364) 

becomes on introducing the activity coefficient/, 


II 

T 47rN j . 

1,000 

(365) 


As an example we skall take the salting- oufc effect for aqueous solutions 
of acetone and hydrocyanic acid, recently in-vestigated by Gross (loc, 
cit.). For acetone, a somewhat arbitrary interpolation gi^ves for low 
concentrations _ D,(l- 0 - 03 &lc), 

while for hydrocyanic acid, 

== 00039c), 

According to oixr general considerations, acetone should be salted 
out while hydrocyanic acid skonld show the reverse effect. The charac- 
teristic length for acetone is given by (360) as 

-S(acetoiie) = 2-03 X lO'S cm. 

Since further in the limit (J) = 

we have from (365) i = 1— (acetone) 

J 

1 , 0-27x10-® 

or g n, 

according to whether we use (361') or (361"). Tor hydrocyanic acid the 
corresponding characteristic length is 

•^HCN == l*2x 10-® cm., 


i.e. 



0-027 X 10-8 

A 


Gross confirmed experimentally the order of magnitude of the theo- 
retical values for the activity coefficients. He determined the partition 
of acetone and hydrocyanic acid between benzene and water. If 
is the partition coefficient in the absence of electrol>i:es, and 
(c^/c^)g the same coefficient after salt has been added, we have 
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The magnitude of the effect observed with acetone and hYdroeyanic 
acid agrees approximately with the theory for the nitrates of litiiuia, 
sodium 5 potassium, caesium, and magnesium, the chlorides of lithinin, 
sodium, and potassium, and the sulphates of potassinni, magnesium, and 
lanthanum. A comparison of the measurements on acetone and hydro- 
cyanic acid in presence of potassium nitrate and caesium nitrate show 
that the req[itirements of Debye’s theory (in particular the inversion of 
the salting-out effect) are satisfied (ef. (358) and (362)). It is interesting 
to note that with a few exceptionsf (e.g. lithium nitrate and magnesium 
chloride) hydrocyanic acid exhibits the anticipated inversion of the 
salting-out effect. The salting-out effect depends on the nature of the 
salt, but the effects referred to the same ionic strength are of approxi- 
mately the same magnitude. The salting-out effect is but little depen- 
dent on the temperature and the concentration of the non-electrolyte, 
but is approximately proportional to the concentration of the salt, 
i.e. the q[uantity (1// — l)lys is approximately constant and of the order 
of magnitude expected from (365). The inversion of the effect for 
hydrocyanic acid is, however, met with much less frequently at higher 
salt concentrations.^ 

D. Neutral salt effects. 

We shall now treat shortly the effect of a neutral salt upon the degree 
of dissociation of a weak electrolyte.§ Arrhenius’s theory showed that 


-j- See also P. M. Gross, Gherti. Bev.^ August, 1933. 

t The formulae for the salting-out e:ffect can also be developed from (328''). It is then 
found that the effect of the ionic atmosphere amounts to about 20 per cent, even in 
dilute solutions. See especiaUy the work of P. Gross and his collaborators, loc. cit. 

§ The effect of neutral salts upon the hydrolysis of salts can be treated in a similar 
manner. Bronsted has shown that this may be considered as a particular case of the 
general acid-base equilibrium. ^ 

If the valencies of the acid and base are respectively za and zg, w© have 

Zb = Za -f-h 

aud the dissociation equilibrium is governed by the equatiou 
logKy = logil^ —Zb VJ 4 - const, x /, 

where a further linear term in J has been added. Thus, in the ease of the dissociation 


and the square-root term vanishes, so that in this case the addition of neutral salts will 
have no effect at very small concentrations. 

In a similar manner it may be easily shown that the dissociation equilibrium of bases 
is governed by the equation 

logXy = log Ka-\-ZA VJ 4- const, x J. 

Bronsted and his collaborators have treated yet more general cases, e.g. the equilibrium 
between four charged or uncharged molecules. 


A + B^ a + D 
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the dissociation of a weak electrolyte is strongly repressed by the addi- 
tion of a neutral salt having a common ion. We shall, however, now 
show that on account of the interionic forces, this repression of the 
degree of dissociation in not so great as predicted by the classical theory. 
The dissociation of a weak acid is governed by the generalized law of 
mass action, which we may write 


®HS 


If we now introduce the activity coefficients of the ions, and identify 
the activity of the undissociated acid in dilute solution with its 
concentration 7 hs> we have 


K /s- = ( 366 ') 

Vhs 

is the mean activity coefficient according to (136). According to the 
Debye-Hiickel theory, if we are dealing with dilute aq^ueous solutions at 
20°, logio/± is related to the ionic strength J by the equation 

logio/±:=-0-50VJ. 

We then have from (366'), 

logio Ky = logio V/. ( 367) 

At constant pressure and temperature, Ka is a constant, so that it 
follows from (367) that on increasing the concentration of neutral salt 
the dissociation of the weak electrolyte must he increased. Cohn, 
Heyroth, and Menkinf were in fact able to condrm (367) experimentally 
as a limiting law for small ionic strengths. They chose acetic acid as 
the weak electrolyte, and sodiam acetate as the neutral salt. Fig. 29 
shows the experimental values of log^o-^y plotted against the square 
root of the ionic strength. The values were determined electro- 
metric ally by using mixtures of sodium acetate and acetic acid in a 
hy(irogen ion concentration cell, (See equation (168).) This gives 
Viisj andyi.fa+ known, and hence the ionic strength J (223) 
which determines the activity coefficient of the hydrogen ion/gf , This 
leads to ye-n finally Ky. 


in which ease the limiting law is 

logKy = logEfl— (»c-23— 

For details, see J. N. Bronsted, JRec. Trav. Chirn. Pa^s-Bas. 42 (1923), 71S ; J. Ph^g. 
Chern. 30 (1926), 777 ; Chem. JBer. 61 (192S), 2049; C/iem. Hev. 5 (1928), 231 ; Trang. 
Farad. £oc. 24 (1928), G30; J. N. Bronsted andC. V, King, Z. ph^n. Chem., Colien Festb. 
(1927), 699; J. N. Bronsted and K. Volqvartz, ibid . 134 (1928), 97; 155 A (1931), 211. 
See also the symposium in Cliern. Rev. 10 (1932), 1-264. 

t E. J. Cohn, F. F. Heyroth, and M. F. Menkin, J. Chem. Foe. 50 (192S), 696. 
3595.7 X 
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In conclusion, we may give some numerical values to illustrate the 
order of magnitude of the neutral salt effect. In the example quoted 
above, Ky according to the classical theory is 1-84 x 10~^, which gives 
by (866') = 1*^2 x 10“^ in a mixture of 0-008 molar sodium acetate 

and 0-072 molar acetic acid. We shad show that this value is actually 
too low, since the interionic forces have not been taken into account. 
We have ^ _ 0-008, 

yg_ = 0-008-1-/2+ ~ 0-008-1-0-00016. 

Experimentally it was found that the activity of the hydrogen ion was 

= 0-000179. 





0,2 -—5- VJ ' 0,3 


Pig. 29. Variation, of dissociation constant with, ionic strength. 


The ionic strength in this case is 

J = I (0-0()8-f-0-0D8 18+ 0-00016) = 0-0082. 

According to the results of Lewis, this corresponds to an activity coeffi- 
cient for the hydrogen ion of / h+ — 0-913, so that 

= 0-000179/0-913 = 0-000196. 

The interiouie action thus causes an increase of about 20 per cent, in 
the hydrogen ion concentrations. 

33- The Heat of Dilution of Strong Electrolytes 

A. The theoretical limiting law. 

The integral heat of dilutionf which we shall term L when it refers 
to an arbitrary number of moles, and L when it refers to one mole, is 

t The expression for the heat of dilution can. also be readily obtained from the general 
form of van ’t Hoff’s equation (44), 


where is the partial molal heat content of the component and ci^ is its activity. This 
gives immediately for the heat of dilution, Z = —vRT^-dlogfldT^ and in conjunction 
with (275) and (290) leads to (373). For numerous references, see E. Lange, ‘t^ber 
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equal to the decrease in U, the internal energy of the solution. If ve 
term the difference between the real and ideal free energy of the solu- 
tion TF, (217) and (247) gi\re 


W == 


(368) 


where V is the Tolume of the solution. The Gibbs-Helmholtz equation 
(9) connecting the free energy F and the total energy U then gives for 
the integral heat of dilution, 


= u=w-Tm 


Z)o 




Introducing the value of (c® from (217),f 

If there are moles of ions present, 

. TX-=Ny.., 


and hence 


-€2N 


'1 Yi 


2D, 


ir'( 


i>o dTV 


(369) 

(370) 

(371) 

(372) 

(373 


We therefore have for the heat of dilation per molej 
j c^N V » /i , 2’ dD.\ 

In the case of simple electrolytes the molar heat of dilution becomes, 

[ 2 I dZm 

If, as is usual, the heat of dilution is measured in calories, 


i ^D„dTy ' ’ 


L = 0-239 Vj Ne^ / 


10’ V 2 j J>0 \1,OOOD„ kT, 


1^1 1+ 


cals./mol. 

(375) 


Losuuigs- unci Yerdunnuagswannen einiger starker Elektrolyte', Fortschr. d. Chem., 
Pkys. n. phys. Chem. 19 ( 1928), No. 6. The signiiicanee of the dielectric constant in 
the thermodynamic derivation of the free- energy and heat of dilutioa of electrolyte 
solutions was first recognized by Cavanagh May. (6) 43 (1922), 625). Gross and 

Halpem {Fhijs. Z. 26 (1925), 403) gave the first thorough treatment of the problem of 
heats of dilution on the basis of statistical iiiechanies. 

It is nob specified in (370) whether the term in brackets involves (cD or 
{dI)/dT)v‘ If L represents AU the differentiation should be carried out at constant 
voluLine, while the temperature coefificient usually measured is at constant pressure. 
O. Gatty {Phil. Mag. 11 (1931), 1082) has investigated the error introduced in this way, 
and finds that it is small in the case of water, but may be considerable for some noii- 
aqueous solvents. 

X The ionic strength J (223) can be introduced in ( 372 ) . Since , ho we\- er , ini xt ures have 
not been investigated experimentally, we shall not deal with them here. 
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It is interesting to consider the physical interpretation of (375). In an 
ideal solution, no heat changes take place on adding water, since (as 
fox ideal gases) the total energy is independent of the volume. We 
should, however, expect in this case that on diluting work must be done 
against the attractive forces between the ions, so that we should antici- 
pate a cooling of the solution which would depend chiefly upon the 
charge and concentration of the dissolved particles, and for the same 
type of electrolyte should be independent of any individual properties. 
On this view we should expect a negative heat of dilution for dilute 
solutions, while actually a positive heat is found.f The alteration in 
electrostatic energy for one mole of solute in dilute solution of concen- 
tration y moles per litre is given by (227) and (238') as 


1 N€Y 47r€2N ^ 

‘2 J>^ [l.OOODQkT^ 




TJg, is thus equal to the value obtained for the heat of dilution (374) by 
omitting the term in dD^ldT. 

BjerramJ and Gross and IIalpern§ have pointed out that the mutual 
electrostatic energy of the ions cannot be identified with the heat of 
dilution, since a further amount of energy is involved in the effect of 
the electric fields of the ions upon the solvent, which varies with the 
concentration- By considerations of this kind Bj exrum was able to 
show that the heat of dilution involved the temperature coefficient of 
the dielectric constant, and arrived at equation (375), which, as we 
have seen, can be derived directly from the Gibbs-Helroholtz equation. 
Ejerrum was probably the first to point out that the individual pro- 
perties of different ions were much more prominent in their heats of 
dilution than e.g. in their osmotic coefficients (l—g)- Thus in the 
measurements of Richards and Rowell on uni-univalent salts for con- 
centrations between 0*139 and 0*227, the values of 1 — gr show good 
mutual agreement, while the heats of dilution are sometimes positive 
and sometimes negative. ]N'egative heats of dilution are actually in the 
majority while according to (374) they should be positive and of the 
same magnitude for all mono -monovalent electrolytes. It is thus neces- 
sary to carry out measurements at much lower eoncentrations than 
Richards and Rowe in order to be able to test the validity of Debye’s 


t Seep. 159. t ISi.BleTTVim.Z. :ph^3. Chem. 119 (1926), 145. 

§ P. Cross and P. Halpem, Phys. Z. 26 (1925), 403. 

li T. W. Richards and A. W- Rowe, J, Am. Chem-. Soc. 43 (192L), 770; 44 (1922), 684. 
Richards and his collaborators later improved the experimental t©chniq[u© considerably ; 
see Richards and F. T. Gucker, ibid. 47 (1925), 1876; 51 (1929), 712; Richards, B. J- 
Mair, andL. P.Hall, ibid. 51 (1929), 727. 
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theory of heats of dilution. Such measuremeiits were first carried out 
hy Nemst and Orthmaiiii, and later still more accurately by Lange. 
Before comparing the results obtained with the theoretical predictions 
we shall give a short account of the experimental methods employed. 

B. Experimental methods for measuring the heat of dilution. {Xernst 

and Orthmann, Lange and Messner,‘\) 

Nerust and Orthmann were the first to develop a very accurate 
method for measuring heats of dilution, which made it possible to 
measure very small amounts of heat. The 
improved apparatus is sketched in Fig. 

30. The differential calorimetex|; which 
was used in measuring the heat change 
contained a set of 100 iron-constantan 
thermo -elements. The junctions of these 
stuck into small tubes filled with mercury 
placed alternately in each of the two 
calorimeter vessels, which were stirred at 
the same speed by two identical glass 
stirrers driven by the same motor. The 
solution to be diluted was contained in 
test-tubes with the bottom cut off, closed 
by means of a small piece of rubber tube 
and a glass plate. To mix the solutions, 
the glass plate was pushed down by means and Orthmana for measuring heats 
of a glass rod, and thorough mixing 

brought about hy stirring with the glass plate. As a protection against 
external temperature variations, the whole inner part w^as surrounded 
by a thick copper casing, which was itself contained in a DeTvar flask, and 
closed at the top by a layer of cotton wool 10 cm. thick. The tempera- 
ture could be kept extremely constant. The sensitivity of the measure- 
ments was 0*00318 cals, per millimetre on the galvanometer scale. The 
accuracy of each measurement was about 1 mm., corresponding to a 
temperature difference of 5 x 10"® degrees. Each half of the calorimeter 
contained two test-tubes each containing 10 c.c. of solution, which were 

t W. Nernst and W. Orthmann, Ber. d. Berl. Akad. (1926), p- 51; (1927), p, 136; 
E. Lang© and G-. Messner, Naturwiss. 15 (1927), 521; see also Lecture to the Bnnsen- 
gesellsckaft. May, 1927, 

I H. V, Steimvehr (Z. phys. Chem. 38 (1901), 185) and O- Riiinelin (ibid. 58 (1907), 
449) had previously described differential calorimeters, but their further developrtient is 
due to Nernst and Orthmann. 





Fig. 31. Adiabatic dijKorential calorimeter (Lange). 

diluted one after another. Surrounding these was 500 c.c. conductivity 
water. The most important result of these investigations is that for all 
the electrol 3 rtes investigated at high dilution the sign found for the heat 
of dilution agrees with that predicted theoretically. 
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E. Lange and G-. Messner used a similar apparatus (see Fig. SI). 
A Dewar flask was diYided in two by a plate of hard rubber, tbus form- 
ing the two calorimeter vessels. Eack side contained the jimctions of 
1,000 thermo-elements. By means of a mirror galvanometer, the tem- 
perature difference between the two halves of the calorimeter could be 
measured to 1 X 10~®^. Each half contained a metal pipette, which was 
surrounded by the contents of the calorimeter, and contained the solu- 
tion to he diluted. The calorimeter was in a water bath which could be 
regulated to within 0-001° of the temperature of the interior of the caloii- 


0 


Concentration i/Ho//Ufre' 
01 



0 ^ 


meter, thus eliminating any external disturbances. Lange and Messner 
worked at 25°, while the measurements of Nemst and Orthmann are 
at The agreement between the results of the two sets of authors is 
excellent in every respeet, especially considering the difference in these 
temperatures. 

We shall now turn to the experimental results. 

C- Comparison of the experimental data ivith theory. 

The theory requires (see (375)) that the heat of dilution should be 
proportional to the square root of the molar concentration. Fig. 32 
shows the experimental results for KCl, and it is seen that the theory is 
conflurmed to within 5 per cent, up to / = O-Ol. Fig. 32 also shows the 
temperature coefficient dLjdT as a function of the concentration. 

The theory also requires that the heats of dilution of all salts of the 
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same type (e.g. l-l-Taleiit) should be the same within the square root 
range. lYom careful measurements of the heat of dilution for a number 
of Yery dilute solutions, E. Lange was able to show that this is con- 
firmed for a number of salts (KE, KCl, CsCl, LiBr, etc.) within the ex- 
perimental accuracy (see Fig. 33). KNO 3 shows considerable deriatious 
even at y = 0 * 01 , but it may be assumed that at still higher dilutions 
it will coincide with the other uni -univalent salts. For other salts, 
e.g. KCl, CsCl, and KF, this is approximately true even at higher con- 


y- 



Big. S3. Heat of dilution of difierent salts. 


centrations. A number of measurements with salts of higher valencies, 
e.g. NugSO^ and Ca(N 03 ) 2 , show approximate agreement with the 
theory. The deviations found in the case of 2 - 2 -valent salts are probably 
(as for KINO 3 ) ftie fact that the square root range has not yet 

been reached. (See also Table 25.) 

Thirdly, the heats of dilution of salts of the same molarity but 
different valence types should differ in the square root range by a 
calculable factor. Thus from (37 5) the theoretical ratio for the 1- 1 -valent 
group and the 1 - 2 -valent group is 


== 3 ^ = 5 - 2 , 
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wliile the value found experimentally is 4*3. The small discrepancy 
between theory and experiment is again probably due to the fact that 
the true square root range has not yet been reached for the salts of 
higher valence types. 

Finally, the value of the constant A in the theoretical law (375) 


can. he predicted. A depends very much upon the temperature coeffi- 
cient of the dielectric constant of the solvent, dD^ldT, In the case of 
water the numerical value of the term (T JDQ)dDJdT is greater than one, 
so that the term l-\-(T/DQ)dDJdT is negative and the heat of dilution 
positive. As previously stated, the interaction between the ions alone 
would lead to a negative heat of dilution, since work must be done to 
separate the ions; however the polarization of the solvent molecules by 
the ions also plays an important part, and the net efiect is a positive 
heat of dilution. Unfortunately, the temperature coefficient for water 
is only known with an accuracy of about 8 per cent., which leads to an 
uncertainty of 30 per cent, in the heat of dilution (cf. (375)). Drudef 
gives at 25®, dDJdT = —0-349, Kockel,f on the other hand, 

= -0*384. 

The resulting values for the expression l+(TyDo)(fDo/c?T, according to 
Drude, are — 0*329 at 25® and — 0*269 at 12*5°, while the corresponding 
values, according to Kockel, are — 0*474 at 25° and — 0*393 at 12-5®.§ 
Equation (375) then gives the following values for 1-1 -valent salts: 

Drude 25° 

12-5° 

Kockel 25° L — 664 V 7 ; 

12*5° L = 513vV. 

The dotted straight lines in Fig. 33 show the limits of uncertainty of 
the theoretical values, || e.g. at 25° the theoretical values vary from 
374Vy to 664vV- Table 25 contains the results of Lange solutions of a 


t P. Drude, Wied. Ann. 59 (1896), 48. 
t L. Kockel, Ann. d.Phys. 77 (1926), 430. 

§ J. Wyman [Phys. Rev. 35 (1930), 623) Las recently obtained the following values 


at 2 


Dc= 78-54, 


^>^^0 


1 + 


T dD,\ ^ 
/>0 dT] 


-0-371, 


L = 513 \'' 7 , 


thus agreeing fairly well with Dmde. See also p. 282. 

II A table containing ail the experimental values for Dq, dDJdT' and 1 -f (T Doldi)® cfT 
is given by E. Lange, Elektrocheni. 66 (1930), 772. 

3595.7 w 
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series of electroljlies of va,riotis types. It is seen that the resiilts agree 
moderately \rith the theory. 

The behaviour of the heat of dilution in more concentrated solutions 
will he dealt with in Chapter XI. 

Table 25 

Th^ heat of dilution L of aqmous electrolyte solutions at 25° G. 


Tt/pe 

Salt 

Initial 

cone. 

Ve 

Final 

com. 

cal.Jmol. 

Maximum 

experi- 

mental 

error 

^ya~~^ye 

theor. 

(Dride) 

theor, 

(Kockel) 

M 

Kci(ir) 

0-01 

0-00138 

+ 18 

£2 

+21 

+ 28 


KCl 

0-01 

0-00138 

4-23 

i:2 

+33 1 

+ 41 


NaCl 

0-01 

0-00138 

-f23 

±2 

+33 

+ 41 


LiCl 

0-01 

0-00138 

4-24 

±2' 

+33 

+ 41 


LiBr 

0‘01 

0-00138 

+ 21 

±2 

+33 

+ 41 


»» 

0-01 

0-0016 

H-48 

±3 

+74 

+ 94 


KNOg 

0-01 

0-00138 

4-5 

±2 

+33 

+ 41 


>9 

0*02 

0-00275 

4-S 

±1 

■ +46 

+ 59 


i 99 

0-063 

0-0087 

~28 


+81 

+ 102 

1-2 

Ca(N- 03)2 

0-001 

0-00014 

+ 59 

±7 

+55 

+ 70 


Ca(N-0a)3 

0-002 ^ 

0-00028 

+ 62 

±13 

+76 

+ 96 


Na2S04 

0-001 

0-00014 

+ 59 

±6 

+55 

+ 70 


MgSO^ 

0-002 

0-00028 

+ 170 

±7 

+ 112 

+ 145 


CaS 04 

0-00236 

0-000328 

+ 235 

±20 

+ 125 

+ 158 

1-3 

La(]Sr03)3 

0-0005 

0-0000695 

+ 140 

±30 

+ 106 

+ 136 


CeClg 

0-0005 

0-0000695 

+ 142 

±30 

+ 106 

+ 136 


Note on the theory of the surface tension of strong dectrolytes. 

The increase of surface tension caused by electrolytes was first correctly interpreted 
by C- Wagnerf as being due to the electrostatic mirror forces at the surface. Further 
calculations on this problem have been carried out by OkaJ and by Onsager and Samaras. § 
The calculations of the latter authors agree essentially with those of Wagner in giving 
as the limiting law for the increase of surface tension 

Aa = const. X yln{Kqo), 

where is the ionic distance occurring in Bjerrum’s theory (see equation (685) ). From 
a comparison of the theory with experiment Onsager and Samaras conclude that the 
mirror forces obey Coulomb’s law for distances greater than 3 A from the surface. This 
conclusion is of importance for the study of dipole liquids, and is incompatible with 
Sack’s theoryll of electrostatic saturation by ions. 

t C. Wagner, Fhys, Z. 25 (1924), 474. 

t Oyoten Oka, JProc. Phys.-Math, Soc. Japan, 14 (1932), 441, 527, 649 ; 15 ( 1933), 407. 

§ L. Onsager and Samaras, J. Ghem, Phys. 1934 (in the press). 

jj See P, Dehye, Polare Mokkeln, p. 133. 



IX 


DEBYE’S THEOET OF THE CONDUCTmTY OF STRONG 
ELECTROLYTES 

34. Conductivity Phenomena Interpreted Qualitatively in 
Terms of the Properties of the Ionic Atmosphere 

We skaU now turn to the various pkenomena connected vdtli the 
conductivity of electrolytic solutions. These irreversible phenomena 
can also be treated theoretically by Debye’s theory. Before developing 
the theory of conductivity q[uantitatively, vre shall present the funda- 
mental ideas upon which the subsequent calculations are based. If an 
ion is moved through the solution hy means of an external field, the 
surrounding ions will he continually changing their distribution in 
order to maintain the ionic atmosphere. If we imagine a charge created 
suddenly in the interior of the solution, the formation of the ionic 
atmosphere will take a certain time, which is termed the time of relaxa- 
tion of the ionic atmosphere. f In the same way the atmosphere sur- 
rounding a moving ion will not possess its equilibrium distribution, and 
hence cannot be calculated from the Maxwell-Boltzmann law. It can, 
however, he derived from a suitable interpretation of Einstein’s equa- 
tionsf for the Brownian movement. The qualitative effect of this finite 
time of relaxation can be seen at once. At a point in front of the moving 
ion (i.e. a point towards which it is moving) the electric density must 
increase with time, while at a point behind the ion the density will 
decrease with time. On account of the finite time of relaxation, the 
density in front of the ion will be somewhat smaller than the equilibrium 
value, while hehind the ion it will not yet have fallen to its equihbrium 
value. Hence daring motion there will always be a somewhat greater 
electrical density behind the ion than in front of it. This additional 
unsym metrical charge distribution, which will be superimposed upon 
the original symmetrical ionic atmosphere, is shown at the right of 
Fig. 34. Since the ion and its atmosphere are alw^ays oppositely charged, 
the result will he a force which tends to oppose the motion of the ion, inde- 
pendently of the sign of its charge. This retarding effect will obviously 
increase with increasing concentration. This is the first effect which acts 
in the same direction as a decrease in the degree of dissociation. 

There is, however, another effect present, which must also be taken 

t Seepp.lOTaad 176. 

t A. Einstein, Ann. d. F7iys. 17 (1905), 549 ; 19 (1906), 2b9, 371. 
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into account. We have seen that in the immediate neigkbotirliood of 
an ion, there is present an excess of ions of the opposite sign, which will 
move in the opposite direction under the inflnenee of the applied field. 
These ions will carry with them a certain amount of the solYent, and 
hence the central ion has to be mowed not through a stationary solwent, 
hnt through a medium, mowing in the opposite direction. This effect 
obviously increases with increasing concentration, so that we have a 
second effect acting in the same direction as a decreased degree of dis- 
sociation. The second effect may he calculated according to the same 
principles as those employed by won Helmholtz in treating electro- 
phoresis. We shall show shortly that both effects are closely connected 



with the thickness of the ionic atmosphere, and that for very dilute 
solutions the force exerted is in both cases proportional to the square 
root of the concentration. This explains the law found many years ago 
by Kohlransch, that the percentage deviation of the equivalent con- 
ductivity from its limiting value at mfinite dilution is proportional to 
the s(][uare root of the concentration at high dilutions. f In this way 
the characteristic properties of strong electrolytes which were pre- 
viously referred to as 'anomahes’, can he explained theoretically, at 
least in the range of dilute solutions. Turther, the variation of conduc- 
tivity with frequency and field strength, which is very difficult to explain 
hy Arrhenius’s theory has been to a great extent accounted for hy these 
modem theories of conductivity. The last effect was first predicted 
theoretically and later confirmed experimentally. J 

We shall now derive the fundamental equations for treating the 
problems of conductivity. 

Debye and Huckel§ first derived strictly the average forces acting 
t See p. 77. % a. p. 182. § Loc. cit. p. 109. 
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upon an ion moving with constant velocity in a straight line. It has, 
however, heen shown by Onsagerf that this method gives too high a 
value for the resistance met with hy the ion. Actually the ion does not 
move in a straight line, but is continually changing its direction on 
account of the Brownian movement, which modifies the retarding force. 
Thus in treating the ionic atmosphere, it is necessary to take into 
account the Brownian movement of the central ion. Although the force 
is again found to be proportional to the square root of the concentration, 
the coefficients are altered. 

We shall first deal with the way in which the thermal equilibrium 
between the frequencies of different configurations is disturbed by the 
motion of the ions. This disturbance is only annulled by the thermal 
motion after a finite time of relaxation. The electrophoretic effect will 
be thoroughly dealt with later. As a necessary preliminaay, we shall 
first derive the general fundamental equations for non-stationary pro- 
cesses in dilute strong electrolytes. 




y 


j 

/ 




35. The General Fundamental Equations for Non-stationary 
Processes in Dilute Strong Electrolytesj 
Let the solution contain ions of the species 1 ,..., with charges 

€^,...,65, and let the numbers of ions 
present in 1 c.c. he on a time average 
We consider (see Fig. 35 ) 
two volume elements dip and dVg fixed in 
space at the points P and Q which have 
the coordinates yp, 2;p and 
We shall take a time r which is great 
compared with the time for a single dis- 
placement of an ion due to its Brownian 
movement.! During this time ?■ we note the 
intervals of time during which an ion of 
species i is in dip or an ion of species j in 
dFg. Occasionally, of course, dV^ or may 
contain simultaneously ions of both species i and species j, and still less 
often will three sorts of ions, e.g. i, j, 1', be found simultaneously in one 
of the volume elements. If, however, we make the volume elements 




Fig. 35. 


I Too. cit. p. 109. 

t P. DelDye and H. Falkenhagen, Fhya. Z. 29 (192S), 401. L. Oiisager has derived 
equations <398) for the special case of .stationarj^ processes using another method, bee 
L. Onsager, Fhys, Z. 28 (1927), 277. 

§ This last time is of the order 10-^^ sec. 
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sufficiently small, we may neglect these contingencies, particularly the 
latter, t in sufficiently dilute solutions. If is the sum of the interyals 
(in the time t) during which an ion of the ith sort is in dVp, then for suffi- 
ciently large values of r, 

^ dVp. (376) 

Similarly, the sum of the intervals up to r duriiig 'which ^Vq contains 
an ion of species j is given by 

h = <fFn. (377) 

T 

We now consider the intervals during which there is simultaneously an 
ion of species i in dYp and an ion of species j in (Wq. The sum of these 
intervals during the time r is termed Then if is the average 
number of y ions per c.c. in the neighbourhood of an i ion, and njg the 
corresponding number of i ions in the neighhourhood of j ion we have 

^ ^ = < SYp, ( 378 ) 

H b* 

where is the sum of the intervals (during t) during which there is 
simultaneously a j ion in dYQ and an i ion in dVp. When dYp and dVg 
have fixed positions, the times and must be identical, i.e. 

(376), (377), and (378) lead to the relation 

= rii n{^T dYp dVg == dVp (380) 

i.e. 

We shall introduce the abbreviation 

%in^ = = w%, (381) 

where is a distribution function for the frequency of those con- 
figurations in which there is simultaneously an i ion in dVp and a j ion 
in Wq. If this probability function is known, then for a given value 
of dYpiVQ (380) gives the period of time ti% during the period of 
observation t during which there is simultaneously an i ion in dVp 
and ay ion in dVg. We now consider a very great number of combina- 
tions of volume elements dVp and (IYq during time r. This number will 

t It "would be interesting to take into account these relatively improbable events 
•which would certainly b© of importance in a theory of eoneentratod solutions. They will 
he neglected here, since •we are dealing only with dilute solutions. General distribution 
functions of this kind have recently been, introduced by Onsager {Cheni. JRev.^ August, 
1933) and applied to certain problems in more concentrated solutions. 
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be for tke moment termed N, We consider agaiiif the sum of the time 
intervals during which there is simultaneously an i ion in dJp and 
3b j ion in and we note also the corresponding number of double 

elements dVp (TVq . W e then have , 

^ = -^ = dFp dVQ. (382) 

The observations described above were carried out in a small time r 
following the moment t. We may now carry out exactly similar observa- 
tions in the time t following the moment A^. We now find instead of 
combinations a number This is the number of double 

elements which during the time r were occupied in such a w’ay that 
dVp contained an i ion and dVg a j ion, being at the moment <-+At 
The distribution function thus changes with the time for all non- 
stationary processes. The change can be calculated in the follow- 
ing way. While dVp contains an i ion, a j ion can enter this we 
suppose to take place times during t. Or alternatively, while 
contains a j ion, an i ion enters this second process takes place 
A^j times during r. We then write 

A^+Ag = (383) 


Alternatively, while dVp contains an i ion, Sb j ion can leave dig, and 
while dVQ contains a j ion, an i ion leaves dip. We suppose these pro- 
cesses to take place respectively and Af/ times during r. Wniting 




(384) 

we have 

Z,-Z_ 

AT T 

(385) 

Abbreviating, 

Z^—Z_ = z. 

(386) 

we have 

and hence from (382) 

N T ’ 

(387) 

Bwlf. Z 

-if = 7- 

(388) 


We now need an expression for Z. For this purpose we introduce 
vjfj, the mean velocity of the j ions in the neighbourhood of an i ion. 
The excess of the j ions entering the volume element dJ'Q per unit time 
over those which leave it during the same period is given by 

I 






— divp(«|y,c|y>) rft'p. 

(389) 
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This expression is easily obtained by calculating how many j ions enter 
and leave through the surfaces of the volume element dVQ,\ The index 
Q signifies that the partial differential coefSoients forming the diver- 
gence refer to the coordinates If we multiply (389) by the 

sum of all the intervals in r during which dVp actually contains an 
i ion, we obtain divQ( 9 i|e of) 

This is, however, the excess of J ions in the neighbourhood of an i ion 
during the time r, and must be equal to i.e. 

A%—Ai^=^—fidVQdiyQ{n{^4^). (390) 

In the same way, the excess of i ions in dVp during the presence of a 
j ion in (IVq, in the time r, is 

dI^divp(?2.J^Dj^). 

Equations (383), (384), (386), (390), and (391) then give 

^ ( 392 ) 

In conjunction with (388) this gives, 

(593) y 

The indices P and Q attached to the operator div indicate that the 
partial differential coefficients refer respectively to yp, Zp and 
^Q>yQ^^Q' According to (381) 

m 

We shall now adapt equation (393), which is fundamental for non- 
stationary processes, to the oases to be dealt with later. Since we shall 
treat the conductivity of electrolyte solutions, the possible causes for 
the motions of the ions are firstly the electric forces present, and secondly 
the thermal agitation. A third cause is the possible presence of stream- 
ing in the liquid, which, however (since it depends on the motion of the 
liquid in which the particles are suspended), can be neglected in con- 
sidering the motion of the particles, at least for very dilute solutions. 
Strictly speaking, the streaming of the hquid shonld he taken into 
account in calculating the distribution f unction. J It will he seen later 
that the potential round the moving ion differs hut httle from that 
round a stationary ion, so that we can treat the relaxation of the atmo- 
sphere and the electrophoretic effect separately. In order to treat the 

*]• In hydrodynarmcs, the aiaoiint of liquid contained iu a volume element is calculated 
in an exactly analogous manner. See ©.g. the article by L. Prandtl and H. Ealkenhagen 
in Wien. -Harms, Handbuch der JExperimentalphysik, voL iv, parti, 1931- 
X This is necessary in dealing ■with viscosity: see p. 245. 
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action of the forces present and the thermal agitation, we shall follow 
Debye and Hilckel-j- in employing the ec[uations for Brownian move- 
ment, modified to take into account the forces present. In this way it 
is possible to -use the ordinary macroscopic la-ws for migration and diffu- 
sion. For each ion j let there be a corresponding resistance pp and let 
the force acting upon a j ion in dVg he the j ion being in the 
neighbourhood of an i ion. The velocity of they ion due to this force is 
therefore 


Pj * 


(394) 


If T is the absolute temperatiue and k Boltzmann’s constant, then 
according to Fick’s lawj the mean velocity of the j ion due to thermal 
motion or dijffusion§ is given by 


(395) 

rj 

There will thus only he a velocity of difiusion when there is a gradient in 
the distribution function and the mean velocity will be proportional 
to this gradient. The total velocity of the j ion is thus 




(396) 


The velocity of the i ion in P in the neighhonrhood of a J ion is similarly 
given ly , r.y ) 1 

’’le = (39”) 

Our fundamental equation (393) thus becomes 
= — -divQ{!rf|it|g-Aygrad<3U’fg} — 


dt 


Pj 


divp(M)j^ iljg- Z'Tgradp u-jQ. (398) 

Pi. 


It can be easily shown that in treating conductivity it is permissible to neglect 
the forces due to the d^mainical reactions in comparison to the viscosity forces. 
The viscosity forces aic given by pv, -where p is of the order of magnitude 2 >: KV® 
(for water), while the d^Tiamical reactions are given by niidDjdt), If we consider 
an ion in a field of frequency o), the ratio of the viscosity forces to the inertial 


t P. Debye and E. Hiickel, Z. 24. (1933), 344. 

X A. Pick, Fogg. Ann. ^4 (1855), 59. 

§ The problem of the liiffusion of electrolytes, which represents a much more general 
ease than that of conductivity, has recently been treated by Onsager and Euoss (./ . J'hgs. 
Chem. 36 (1932), 2689), who obtained an. expression for the limiting law for t}ie diffusion 
coefficient of a single electrolyte. There are no data of suthoient accuracy a\ ailable tor 
dilute solutions to permit of a test of the equations obtained, and since the mathematical 
difficulties inv'olved are considerable, we shall not deal with the subject here. 

3595,7 
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forces is pjcutn. If we put m IO-22 gm., then the two forces are of the same order 
of magnitude for o 10-^®, i.e. in the infra-red region, while the dispersion of 
conductivity is usually observed at very much longer wave-lengths. Although 
the effect of the dynamical reactions of the ionic masses is much too small to be 
detected in ordinary high-frequency measurements, it is, however, possible to 
produce potential differences in an electrolyte by means of supersonic vibrations. 
Debye (/- Ghem. Fhy3. 1 (1933), 13) has shown that it should be possible in this 
way to measure the mass of electrolytic ions, and hence the number of solvent 
molecules attached to the ion. Debye obtains the following expression for the 
amplitude of the potential difference in the potential wave. 

47r rij ef 






If we consider a KCl solution of concentration y ~ 10"® and put p — 2 x 10“®, the 

-J—l 10® e.s.u. Taking 


a) as 10® per second (wave-length 3D m.) and Dq — 80, we have 




Eor a somewhat lower frequency, * 


■^nsefjp, 


1, Taking the latter case, 


1_1 

if the velocity of the supersonic waves is given by = 1*4x10® cm. /sec., the 
amplitude of the potential difference in this special case is given by 

1 -4 K ICH’oo 

l/pi-tVPi 

The velocity of the medium oscillates between i ocq, which corresponds to a quartz 
plate producing 0*005 joules per sq. cm. per sec. The potential difference of the 
order of magnitude 10“^ volts can easily be measured by means of the usual 
amplifying arrangements. 

The dynamical reactions are also of importance in the case of gaseous ions, 
see K. F. Niessen, Fhys. Z. 33 (1032), 705 ; D. Gabor, ibid. 34 (1933), 38. 

36. The Special Case of Electrolytic ConductiYity 

In the case of conductivity, if the external field strength is (£, then 

^1? = -e,’ grade ® \ (399) 

= -eigra,djpWfQ-i-ei<£ f 

is the potential at the j ion dne to the ionic atmosphere of i ions; 
similarly is the potential at the i ion due to the ionic atmosphere 
of j ions. These two potentials must satisfy Poisson’s equations, 

di,.„gr.d. 'Fg, = 2 2 I 


(400) 
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Taking tiie special case of equilibrium, i.e. considering a liomogeneoiis 
electrolyte with no current passing, we liaYefroni (396), (397), and (399) 
— wj^efgradpTj^— = 0. (401) 

The distribution functions are therefore in this case 


or, from (381), 


= 71 , \ 

== ) 


(402) 

(403) 


The factor Tiirij- in (402) is chosen so that at a great distance from the 
central ion the distribution becomes a random one, and corresponds to 
the concentrations giYen. The result obtained shows that any concen- 
tration changes caused by an ion are relatively small outside the imme- 
diate neighbourhood of the ion. If therefore the ionic atmospheres of 
ions interpenetrate, we are not committing any large error by supposing 
that the changes in concentration caused by the two ions are merely 
superimposed. The average force acting upon one ion in this configura- 
tion is therefore given by the average field in the atmosphere of the 
other ion, and we may use equation (399). Writing 

= eig'(r), = ejg{r), (404) 

where ^ depends only on the distance r of the i ion from thej ion, (4€0), 
(402), and (404) give the following differential equation for g{r)^ 


Aff(i-) = g{r) 2 


The exponential function in (402) has been replaced by 


(405) 


A corresponding equation holds for and the relation (3S1) is then 
satisfied. As previously described^ equation (405) was Ih’st obtained by 
Debye and Hiickel for the case of a stationary ion. f 


t See p. lOO. 

i Eqaation (404) leads to the relation 

= o'l'S- 

The Poisson-Boltzmaiin equation (403) w^ill only be valid (and hence applicable to unav 
eoneentrated solutions) whea this relation holds. This is, however, only possible in 
certain symmetrical cases. If the ions have considerably ditferent cliarges. there will be 
a diserepariey between (403) and (381). The question has been treated in iletail b\* 
Onsager in a critical diseussion of the basis of the iiiterioriie theory {t'htfii. Ht'i\ .\ugust, 
1033). 
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We return now to the general case. Substituting (399) in (398), 

^ = idivQ(e, «;§gradQ grad^ (£«;§) + 

Ot pj 

- divp(ei w^grstdp'FfQ+fcT gradp (406) 

Pi 

To simplify this expression, we write 

‘>^3 = wjo = %+/«> (407) 

where determines the deviation from a completely random distribu- 
tion of the ions. (400) and (405) lead to the following differential equa- 
tion for the distribution function 


IkTApfij - ® ( 4 = 08 ) 

where the approximation == — n^rij is used in deriving the 

second and fifth terms. 

We may express the function in terms of the relative coordinates 


where 
and hence 


fi3 = 


= 

-tXp, y = 

y<i-yp> 

Z = Zg-i 




— ^Jk, etc. 

8xq 

dx ’ 


dx 


9%. 

_ 

etc 

UiO* 

1 ^ 

8x^ ’ 

dx% 



'Pi 


(409) 

(410) 


If further the electrical field is assumed to act along the (r-axis and 
is written X, then (408) hecomes 


dt 




fcrfi 

\pi Plj \pi Pjl 

•^ol Pi „ 


rj 


e F- 

C-p X jp 


(411) 


37. The Special Case of Simple Electrolytes with Two Sorts 

of Ions 

Equation (411) is the general fimdamental equation underlying con- 
ductivity problems, also for non-stationary states. | We shall here make 

t It is also possible to develop the theory of the dispersion of conductivity and 
dielectric constants in the general case of a mixture containing any number of strong 
electrolytes (see H. Falkenhagen and W. Fischer, Phys. Z. 33 (1932), 941; Nature, 130 
( 1932), 128). The detailed treatment is very involved in the general case. M. E. Spaght 
{Phys. Z. 33 (1932), 354) has investigated experimentally mixtures of Ca 2 Fe(C]Sr )6 with 
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the simplifying assumption that only two sorts of ions are present. We 
then liaye the four functions E,^, which must satisfy the 

following four equations.! 


8Fr 


11 




^•^12 


2kT 

P2 




dx 


Bt 


^qP2 

4‘7r(nie^, , tt N . 71 , n 1 

F ^ 2~\~^2 -^2)“!“ " ' ^2 -^2) 

-M) I Pi p2 

= i-tII + 1 -]ai.M^ 

\Pi Pel " [pe pj 


i'TT jr 


(^i -^ 1 )+ (^1 -^21 + ^2 -^‘ 2 ) 


(412) 


-^ol P2 ~ " Pi 

We shall now gire a number of applications of these partial differ- 
ential eq[uations. 


38. Application to the Potential Distribution round an Ion 
in the Absence of External Influences 

As our first example we shall consider the case of an ion subjected to no 
external inftiiences,:|; and assume that the are independent of the 
time. With these assumptions, 

= 0 , X = 0 , ( 413 ) 

ot 

equations (41 2) become very much simpler. In order to solve the system 
of equations obtained, 'vve shall assume that the satisfy the 

equations APif.—X‘^F„. = 0. (414) 

KC], HCl, and 3^0H. His results have been discussed from the point of view of the 
theory by H. h'alkenhageii and W. Fischer, Phys. Z. 34 (1933), 593 ; Z. Klektrackini. 39 
(1933), 517. 

t The meaning of the i’V’s may be briefly restated here, ir,,- = — (s^ee |4o7) 

and (4:09)) is a distribiitioii function detined as follows. Consider a volume element 
dVx at the point P anti a voliiine element dCy at the point Q, both tixeil in space. Tlie 
probability that there is simultaneously a J ion int/Cy anti an t ion in dVp is then given 
by u\j ilVpd V(j. Hence if the ions exert no forces upon one another, then ir-j 
where tii and Hj are the average numbers of i ions and J it>ns respectively per e.e. The 
also satisfy the differential equations (412). 

5 This case has previously been treated, but without taking into aceuiirit tlio Brownian 
movement (of. p. 98). Apart from this, the result is tlie same as that obtained in § 38. 
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Introducing the abhreviatioiis 

_ 1/Pi Pa ». — — P^ 


1/Pi+VP2 P 1 +P 2 


Ucy = 


l/Pi+l/Pa P1+P2 


[§ 38 


(415) 


^t'TT t> e, et £> 2 I 2 2 

Zpr”*'! = '!' AH’”*®’”'” 

the nmst satisfy the following system of linear eq[uations, 

277 




DokT 

277 




(^1 ^ r ' i “^2 ^ 2 ) 1-^12 jD ^“(^2 ■^ 22 ) 

~ 2) -^ 22 ) 

^2 ^ /cf-f"^2 


(417) 


-^2 — -^21 — 


Hence if 
then 

In conjunction with the first two equations of (417) this gives for 
— /c*^)(A"^ — = k\k\{K^ — ^ 2 '’ 


(418) 

(419) 


(420) 

(421) 


Since now ^ 

we obtain as the equation for 

{K^^k\){K^--kI) = k\kI 
which has the two roots 

=0 ^2 =3 

IFor our purpose, only the root 

= /c2 

has any meaning, and F must satisfy the equation 

AF = k^F, (422) 

The solution of this equation has been given previously. and F^o 
can be obtained from the first two equations of (417), giving 

F = ^3 JD -p Tp 

11 /k i.fn -^3 

JJq/cF Kl 7 ?, 0^2 

-f ’22 = +-^11 = —F. 

The solution of equation (422) must be of the form 


F = G 


(424) 
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SO that it remains only to determine the constant C. The electric den- 
sity in the atmosphere surrounding the ion is given by (400), (407), 
and (409) as 


(425) 

^ V I 

Similarly, the electric density of the atmosphere surrounding the 
ion 2 is 


~ ~ jT, 2 “ — (®i-^2i+e2-^22)- (426) 


In conjunction with (419) and (423) this gives for the electric densities 

(427) 


Hi = ^ (-Cl J’-f-ea F) = ^(e^-gj), 




P 

Ha = — (fii-Cz). 

^2 

The potentials and Tg must thus satisfy the equations 


= 

the solutions of which are 


C'e-x 




Ae- 


AT* 


% 


Ce-'^ 


i5c-“ 


(428) 

(429) 


Since in the immediate neighbourhood of the ion 1 'l^ = and 

in the neighbourhood of the ion 2 % = eJDf^r, we must have 


A ®1 R _ ''2 




-^0 ^0 
i.e. using (424-30) the constant O becomes 


0 


nr, 6.; 


€r 


JD^kT D^kf' 

The Pij^^ are thus giv'en by the follo'wiag equations, 

7ile3 


■^11 — ^22 — 


T? — W 


D^hT r 
71 % el e-^ 


(450) 

(451) 

(432) 


These two equations prove the existence of an ionic atuiosphere 
suxronn(ting each ion anci having a charge opposite to that of the 
central ion.t 


*t See p. 98. 



176 DEBYE’S THEORY OF CONDUCTIVITY [§ 38 

Reference must lie made to the root 

= sij, Kj-f-MaKl. 

This root of the equation for can have no meaning in the present 
problem, which possesses central symmetry. (417) gives for this root 

^11 == = 0 , 

and hence from (425) and (426) the electric densities are given by 

= n' = = 

ni 

which do not describe an ionic atmosphere with central symmetry. We 
must therefore reject this root, but it may be remarked that it is of 
the greatest importance for stationary states in the treatment of con- 
dnctiTity.f As a further example of the application of the fundamental 
equations (412), we shall now calculate the time of relaxation of the 
whole ionic atmosphere. 


39 . The Time of Relaxation of the Whole Ionic Atmosphere^ 

We consider the ions in Brownian movement in the solution, no external 
field being initially present. We have seen that each ion is surrounded 
by an ionic atmosphere having a charge opposite to that of the central 
ion. We imagine the charge of the central ion removed at time ^ = 0, 
and we wish to investigate how the ionic atmosphere disappears round 
the point from which the charge was removed. It is again assumed that 
only two kinds of ions are present in the solution. Since no external 
field is present, the general equations (412) become in this case 


8i 


2kT 




Pi 


11 ■ 






oPi 


oPl 


dt 



^0 [ P2 


^1 

/>! 



(434) 

t See p. 185. 

I This problem was first treated by P. Debye and H. Talkenhagen {JPhi/s. Z. 29 
(1028), 121), who did not, however, treat the Brownian mov^ement strictly, and thus 
obtained results wdiich are only qualitatively correct. T. Debye {Somnierf eld Festschrift, 
S. Hirzel, 1928) has treated a similar problem. Por the special case of an electrolyte 
with ions of equal mobilities, he investigates how an electrolyte whicli is initially in a 
completely random state, will attain its equilibrium state. This problem, can also be 
treated by the general methods described here, giving the same result as that obtained 
by Debye. 
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It is now necessary to find solutions of equations ( 434 ) which are 
suited to the problem in hand. In the first place, there is no reason 
to suppose that the charge distribution will lose its central symmetry on 
remoYing the central ion, so that equations (419) and (423) will also 
hold here. Since also _ ^ 

the four equations (434) become 


8t Vi 




AF- 


4:TrJF 


or, introducing the characteristic quantity (see ( 221 )) 




(435) 


(435') 


Since there is central symmetry, F depends only on r and upon the time 
t. F is connected by (427) with the charge density IIj, of the atmosphere 
surrounding the ion 1 and the corresponding charge density II 2 sur- 
rounding the ion 2 according to the equations 



We shall now write equation (435) in a dimensionless form, for which 
puiq)ose we introduce the quantity ©, which has the dimensions of a 
time, and is defined by 



0 P1P2 ^ 

(436) 


Pi+/>a kTic^' 

If we now write 

t 

g = T, KT ~ Sy 

(437) 

(435') becomes 

8s \ dsj 8 t 

(438) 


We now wish to find a solution of this equation which will fulfil the con- 
dition that at time t — 0 the ion in question is surrounded by its 
characteristic ionic atmosphere, the charge on the central ion being 
removed at the same instant; i.e. at time t — 0, F must be given b 3 ’’ 




Df^kT r 


which by (424) and (431) can be written 

® 47T<1/%4- l/7^2)* 


(439) 


( 440 ) 
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It may be easily sbown that the only solution which satisfies all the 
necessary conditions is 




4:'7rs ( 1 /^ 1 + 1 /^ 2 ) 


i 


e-®’ dx. 


^T—SjZ'^r 


(441) 


Writing 


00 



VT“-s/ 2 Vt 


dx — J ( t , 8 ), 


(442) 


this becomes 


jT , <^( r , s ) 

47rs Jl.I. 


/(t, s) can be calculated, and hence the distribution function F obtained 
for all values of the time and s. J has the value J when 




i.e. 


or 


s = 2 r , 



le. 



The disappearance of the equilibrium state may be visualized more 
readily by calculating the amount of electricity between two spheres 
of radii r and r+cZr. This varies with the time, and is given by 

dQ^ — Hi 477r^ dr = 2/^i/c dr, • (444) 

where y = se-^J { t , s ), (445) 

In Fig. 19 (p. 108) y is plotted as a function of kv for the timesf 
f = 0, 0 259, t = ©. 

t/ is a measure of the charge density in a spherical shell of thickness dr 
distance r from the central ion of charge e^. The corresponding charge 
density round the ion of charge is obtained by replacing by eg in 
(444). It may be seen that after time 40, y has become practically zero. 
If pi = p2 ^tien , 


and in the special case of KCl, 


y 


t Here © = qO, cf, (436) and (466). 
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We may also mention the problem which Debye has treated in a special 
case, i.e. ho'W' quickdy an electrolyte attains its equilibrium distribution 
from a completely random state. It may be easily seen that in this more 
generalized case the distribution function F is given by 



As will be shown later, the time of relaxation 0 defined by equation 
(436), is of very great importance for the theory of the conductivity of 
strong electrolytes. Before dealing with this, we shall first calculate the 
electrophoretic effect. 


40. Calculation of the Electrophoretic Force upon an Ion 
(Debye, Hiickel, and Onsager)t 

It has already been pointed out that according to the laws of hydro- 
dynamics, ions moving in an electric field will carry solvent with them, 
and this effect will extend to relatively great distances from the ions. 
Now we know that there is in the neighbourhood of any given ion an 
excess of ions of the opposite sign, so that the ion in question is not 
moving relative to a stationary solvent, but relative to solvent stream- 
ing in the apposite direction. The velocity of the ion will therefore be 
less than that calculated on the basis of the electrical forces and the 
forces due to viscosity. It may at first appear somewhat unjustifiable 
to employ the ordinary macroscopic hydrodynamic laws to a problem 
involving ions of molecular dimensions. It must, however, be remem- 
bered that the processes which would cause deviations from these laws 
take place essentially in the immediate neighbourhood of the ion. It is 
thus allowable to assume the validity of the fundamental equations of 
hydrodynamics at a certain distance (two or three molecular diameters) 
from the central ion. We shall show in the next paragraph that the 
unsymmetrical charge distribution set up round the moving ion can be 
neglected in calculating the electrophoretic effect, and we may assume 
a distribution symmetrical about the central ion. If the charge of the 
central ion is ej, the charge distribution round the central ion is given 


by (219), 





—KT 


r 


t P. Debye and E. Hiickel {Phys. Z. 24 (19:23). 305) were the first to caloudate the 
electrophoretic fore© by integrating the hydrodynamic equations. We shall foUo’sv her© 
the simpler derivation given later by Onsager {Phys, Z. 27 ( 1926), 388.) 
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of an external field of strength the force g acting on unit 


g = -cs 


47T 


r 


(447) 


This force g is thus everywhere opposed to the direction of the electric 
field (see Fig, 36). We must now investigate the hydrodynamics of this 
system, assuming that the ordinary hydrodynamic laws hold through- 
out the liquid. If v is the velocity, the pressure, and the viscosity 
of the liquid, Stokes’s equation of motion givesf 

curl curl X) = — grad^^d-^. (448) 



Further, the equation of continuity of an incompressible liquid gives 

divr = 0. (449) 

The following boundary conditions must also hold: 

(1) The velocity of the liquid at an infinite distance from the ion 
must be zero, 

(2) The liquid immediately at the surface of the ion must have the 
same velocity as the ion. 

We may now divide the velocity o into two parts, 

D = Di-t-U2» (450) 

where Dj corresponds to the case 

3fi = 0- (451) 

t For a proof of these equations, see H. Falkenhagen, ‘Klassisch© Hydro dynamik’, in 
Wieu-Harms, Handft. d. MxperimentalphysiJc, vol. iv, part I, p. 68, 1931. 
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St is simply the force which will give the ion a velocity 


181 


Since we are only interested in. the velocity of the ion, we shall not go 
into the details of the Oj system, corresponds to 

51 = 0, 02=0, (453) 

where g is the force per nnit volume due to the action of the external 
field upon the ionic atmosphere. We therefore wish to find w-hich is 
the velocity due to the system of forces g. We divide the ionic atmo- 



sphere into thin concentric spherical shells, radius r and thiciness dr 
and investigate the velocity do^ caused by the forces between the two 
spheres. According to Stohesf a, sphere of radius r sub jected to a force 
K' moves through the hquid with a velocity K'lQurrj^T. Further, the 
force per sq. cm. exerted by the liquid upon the sphere (which is partly 
a pressure and partly a viscosity effect) is distributed uniformly over 
the surface of the sphere, and acts everywhere in the opposite direction 
to the direction of motion. The distribution of force has this same 
property, and is given by (447) (cf. Fig. 37) as 

cZr. (454) 

The interior of the spherical shell will thus move through the liquid just 
as if it were a rigid sphere, quite independent of the presence of the 

t For dev^iations, see e.g. H. Falkenhagen, ‘Klassische HydrodjTaamik', in Wieix- 
Harms, Handb. d. Experimenialphysik, vol. iv, part I, p. 206, 1981. 
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central ion. The total force acting upon the shell is 


This force causes the sphere of liquid (and hence also the ion) to move 
with a Yelocit j 




477r22f dr 


2 dr 

3 


dr 


(455) 


677770 r 3 T/o 2>ri^ 47 r 

In order to obtain the total velocity caused by the system of forces 
(455) must be integrated, giving 


r=oo 

33 ^ - / <^332 

r=0 


677770 


(456) 


This velocity is the additional velocity due to the electrophoretic effect, 
and the retarding electrophoretic force is thus 


(457) 


This electrophoretic term (equation (457)) has recently been the subject of much 
discussion. According to v. SmoluchoTvski (for references, see H. Freundlich, 
Kapillarchemie, vol. i (Leipzig, 1930), and W. Pauli and E. Yalko, Elehtroohemie 
der Kolloide (Wien, 1929)), 677 should he replaced by 47 t for large particles, while 
according to Debye and Hiickel (Fhys. Z. 25 (1924), 49) 47 r is correct only for 
cylindrical particles and 677 for spherical ones. According to Dehye and Huckel 
the mobility should thus depend on the shape of the particle ; this is not con- 
firmed by experiment (see H. Freimdlich and H. Abramson, Z. flxys, Chem. 
128 A (1927), 25; 133 A (1928), 51). The question has been to some extent cleared 
up by a paper of D. C. Henry (Froc. Roy. Soc. 133 A (1931), 106). Tor very 


large spheres he 6 nds instead of IfQrr the factor — ■ 


3A 


TT- ^ V j where \ is the specific 

Qtt 2^4- a 

conductivity of the liquid and A' that of the particle. If A' A, the lines of flow 
of the current are tangential to the particle, and we obtain v. Smohichowski’s 
equation. If A' = A, we obtain the expression of Debye and Huckel, which should 
therefore be valid when the lines of flow of the current are not affected by the 
particle. (See also J. J. Bikerman, Z. phys, Chem. 163 A ( 1933), 378 ; Z. MUktro- 
chem. 39 (1933), 526.) 


41. The Dependence of the Conductivity and the Dielectric 
Constant of Strong Electrolytes upon the Frequency. The 
General Theory of Debye and Falkenhagen 

A. The fundamental equations when only two hinds of ion are present. 
We shall now treat the general case of the dependence of the con- 
ductivity of electrolytic solutions upon the frequency. This effect was 
first predicted theoretically by Debye and Talkenhagenf and subse- 

t T. Debye and H. Falkenhagen, PJiys. Z. 29 (1928), 121, 401 ; Z. Elehtrochein. 34 
(1928), 562. For other articles of a more general character, se© H. Falkenhagen and 
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quently verified (vith approximate quantitative agreement with the 
theory), first by Sack, and later by a number of other authors.f The 
case of stationary fields, which was first treated by I>ebye, Hiickel, and 
OnsagerJ may be considered as a particular case of the general problem, 
the frequency of the alternating electric field becoming zero. We shall 
first discuss the principles and chief results of the theory and subse- 
quently give the calculations. 

It must again be pointed out that on account of the long range electro- 
static forces between the ions, there are two factors which tend to hinder 
the motion of an ion and thus cause a diminished mobility, even in a 
completely dissociated electrolyte. In the first place the ion is sur- 
rounded by an oppositely charged ionic atmosphere. The electric field 
thus causes the solvent to move in the opposite direction to the ion, 
and gives rise to the effect known as electrophoresis, which increases 
the ordinary viscosity resistance. In the second place, an ion moving 
with constant velocity must always be building up the ionic atmosphere 
in the regions to which it moves, while at points behind it the charge 
distribution is continually returning to a random one. The mean charge 
distribution in the ionic atmosphere therefore no longer possesses central 
symmetry with respect to the ion, but there will be an increased charge 
density in front of the ion, and a decreased density behind it. It will 
be shown later that the asymmetry of the charge distribution increases 
with increasing ionic velocity. It gives rise to a retarding force, termed 
the relaxation force, which is proportional to the ionic velocity for small 
velocities of the order of 10“^ cm ./sec. Both effects are inversely 
proportional to the thickness of the ionic atmosphere and, since this 
thickness is itself inversely proportional to the square root of the con- 
centration (see (227)), the total decrease in the conductivity is directly 
proportional to the square root of the concentration, thus agreeing with 
the law discovered experimentally by Kohlrausch.§ 

ISFow suppose the electrol 3 d:e to be in an alternating field. Each ion 
will then execute a periodic to and fro motion. For small frequencies the 
symmetry of the charge distribution in the ionic atmosphere will at 
any moment correspond to the instantaneous velocity of the ion. If, 
however, the frequency is so great that the time of an oscillation is 
comparable to (or even smaller than) the time of relaxation, practically 

J. W. Williams, Z, phys. Chern. 137 A (19^8), 399; /. Pht/s. Chem. 33 (191^9), 1121 ; 
Chem.B^v. a (1929), 317. 

t For references, see pp. 222-235. 

i P. Debye and E. Hiiekel, Phys. Z. 24 (1923), 305 ; L. Onsager, ibid. 27 (1926), 388 ; 
28 (1927), 285. § Sea p. 77. 
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no asTmmetiy will be set up in the charge distribution. The relaxation 
force will therefore increase with increasing frequency of the alternating 
field. Hence for wave-lengths of the order of magnitude velocity of light 
X time of relaxation, we may anticipate a conductivity greater than that 
found for stationary fields. 

We shall now develop the quantitative treatment of the dispersion 
conductivity effect, using for this purpose the fimdamental equations 
(412) for the case of two sorts of ions. The four distribution functions 
Fji, ^21 inust satisfy the four equations (412). We shall 

assume that the field X is very small, and oscillates periodically with 
a frequency oj, i.e. y ^ 

We shall also write = F2j-+gijy ' (459) 

where is small compared to jP|j. This assumption can he shown to 
be true for the xe^nge in which Ohm's law is obeyed, i.e. for small field- 
strengths, FI’ is then given hy (407), (452), and (435) as 

(460) 


The deviation of the distribution function will also execute periodic 
oscillations with the same frequency cu, so that we write 

(461) 

Introducing these quantities into (412), the following four equations 
are obtained, 


Pi ^oPi 


'oPl 

<?i2+es^22)— 

Pi ^Opi 


X/a Ot 




— ura 

i>oPi fe 7J ^ 


^0P2 

47mj^ Cj 


^Qpl 


(^1 ^ 2 ld "®2 ^ 22 ) 


\pl PJ 


dx 


(462) 
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It is now necessary to find the solutions of (462) appropriate to the dis- 
persion problem. As long as the field strength is not too high (i.e. well 
under 100,000 volts per cm.), Ohm’s law holds. In this case it may be 
easily shown by investigating all the possible sohitioiisf that the root 
which is of importance in the present case is 




PX+P2. 


(463) 


corresponding to the root mentioned on p. 176. This means that now 
we have 


^^12== 




a. = a. 


(464) 


The physical significance of (464) is that the ionic atmospheres of the 
two sorts of ions are changed asymmetrically hy the field, as will 
appear more precisely from the following calculations. The other roots 
only give density distributions having central symmetry, and thus will 
not lead to a solntion of the conductivity problem. The differential 
equations (462) thus give the following equation, which governs the 
dispersion conductivity effect. 




71 ^ ^2 


P2 


G. 


12 



(465) 


To develop this eq^uation further, we introduce 0, the time of relaxa- 
tion of the ionic atmosphere round the ion 1 or the ion 2, defined by 



0 PxPv^ ^ 

(466) 

where 


(467) 


^ifPl ^2/p2 

(Ci — eo)(l/pi+l/p2) 

(468) 

so that (cf. (436)) 

q6) = 0. 

(469) 

Writing the complex root as 



X2 = k=*2(1-1-jco0). 

(470) 

(465) becomes 

i-«rt eiP2—eiPi E 

~ ET ex ■ 

(471) 


-j- As oa p. 173- 


3596.7 
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According to (460) 

^ 12 ^ . (472) 

We now introduce Y[y the additional potential round the ion l,f From 
equations (400), (407), (409), (459), (461), and (464), 


©13 ^ AT(. (473) 

4:77 ^2 

This potential (due to the applied field) is superiniposed upon the 
potential (429) which exists in the absence of external field. According 
to (471), (472), and (473), the potential T"! must satisfy the differential 
equation a P-«r 

at: = Q/c*^ « i_ un4) 

dx r 


where 

Equation (474) is now in the same form as the equation used by 
Onsagerl in his work on the conductivity of strong electrolytes, the 
only difference being that is complex in the non-stationary case 
which we have considered. We shall show that this leads directly to 
the dispersion effect for the conductivity and the dielectric constant. 
The asymmetric potential of the oscillating ion vdll first he calculated. 


B, CcdcvJution of the asymmetrio potential of the oscillating ion. 
Prom (464), (473), and corresponding equations for Tg, 

Since 711 ^^= — 7^2 ^ 2 ? 


T*: = T' 


(477) 


i.e. the additional potential caused by the alteration of the symmetrical 
ionic atmosphere of one of the ions is on a time average equal to the 
same potential for the iouic atmosphere of the other ion. We can thus 
write as a particular solution of (474), 

qil d j 


Ti = 


dec 




(478) 


We must mow add to (478) an arbitrary solution of the homogeueoms 
equation A(AT'— A^T') = 0 (479) 


t It is not cujtually necessary to introduce this potential since the additional electric 
density can be obtained from (471), and the force (490). 'This method is, however, hardly 
any simpler for the dispersion effect, though it is much more suitable for solving the 
viscosity problem (cf. p. 246). 

X hoe. cit. p. 166. 
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giving as the general solution of (474)f 




■ =■ If-f <*««' 

■where d' is the angle between the direction of the field and the radius 
vector r. The potential of the oscillating ion at the point r = 0 (i.e. 
the point occupied by the ion itself) must have a finite value, and the 
charge density at the same point must also be finite. Using the ex- 
pansion r . 

c?r\ r j 2 5 *“ 


(481) 


these two conditions give for the constants J. ' and B' 


A' = 




-K^ 


(482) 


This gives for the additional potential near the ion, 
= - 


qa A'K^ ^ 

' -TT— r... le'“^cos^ 


Z 

QqK^ 


J 


re^'^cosd. 


(483) 


3(/c+jr) 

C. Cdhiilation of ike force acting on the oscillating ion. 

Equation (483) gives for the field strength at the origin, i.e. the point 
occupied by the ion 1, the value 

ilqK^ 


pioi 

3(k~-{-K) 

Substituting from (467), (470), and (475), 

K = /cVg(l-fia)0)i, 

the field strength at the origin can be written in the form 

Cl 63 qtcEe^^ 

ZD^Jcf l+^'g(l-f^^u0)^‘ 

In the limiting case of infinitely dilute solutions, we have 

Pi H = 

where is the velocity of the ion 1 . The force on the ion can thus 


(484) 


(485) 


(486) 


f The two other particular solutions 

A'' cos S -r I I aad jB "r® cos S 

dr\ r J 

must both be equal to zero, since otherwise the additional potential would become 
infinite at an iniinito distance from the central ion. 
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be \?^Titt€n with sufficient accuracy as 



6,62 Kpj_Viqe!‘^ 

ZD^kT l+\/g'(l+i 6 u 0 )i 

(488) 

or 


(488') 

where 

Y_|_ (l-f iaj 0 )i = a+ib. 

(489) 


The force on the ion 2 can be obtained in an exactly analogous manner, 
introducing == 62 ^ in place of pi % — E. The force acting on 



S 10 15 zo 

► wO 

T^g. 38. The force acting on. an ion in an oscillating field. 


the ion 1 is given by 

where the absolute value of the force A^* is given by 
K* = 1^1 ^2 1 

and the phase A by tan A = — 


(490) 

(491) 

(492) 


7 T-f A is the phase difference between the force acting on the oscillating 
ion and its velocity. For a given simple electrolyte the absolute value 
of the force A* and the phase A can be calculated as functions of aj0 
from equations (491) and (492). If the quantities g, k:, and 0 have 
been calculated (cf. Table 33, p. 213), (491) and (492) give and A as 
functions of the frequency co or the wave-length of the alternating 
electric field. In the special case of a stationary field (ct) = 0 ), the 
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absolute value of the force acting upon the ion 1 is given hj 

ejCg q 


Onsager was the first to obtain this result for the stationary case, 
using a different method. 

Formulae (491) and (493) give the ratio S of the absolute value of 
the force on an oscillating ion to the value for the ion in a stationary 
field-t T'or small values of oj this ratio is very nearly unity. For small 
values of the S-^a© curve begins as a parabola with a horizontal 
tangent at co0 = 0, while for very high values of coQ, 8 increases linearly 



Fig. 39. The phase difierenc© bet'ween the force aad the velocity at different frequencies. 

■with 1 jcoQ. Similarly, the negative phase difference A increases linearly 
for very small values of to©, and approaches the value — 45“ for very 
great values of co©. Figs. 38 and 39 illustrate these relations for binary 
electrolytes, for which q = 0*5. In the stationarv^ case the absolute 
value of the forces is|; 

(494) 


The dotted lines in Figs. 38 and 39 correspond to an approximate 
method of taking the Brownian movement into account .§ 

D. The general formulae for the dependence of conductiiity and dieleciric 
constant upoji ike frequency. 

It is now necessary to calculate the conduction and displacement 
current, for which purpose we must evaluate the velocities of the two 

t This ratio is the same for both ion 1 and ion 2. 

I The eurv’es are very similar for more conTplicated electrolytes, for which q ^ O-.i. 

§ SeeP. Debyeaad H. Falkonhagen, Z. 29 ( 192S), 121. 
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ions, Vi and The force due to the electric field, the Stokes 

force, the electrophoretic force, and the relaxation force must then be 
in equilibriuin. It can be shownf that, in the frequency range we shall 
consider, the electrophoretic force is independent of the frequency. 
Similarly, the time of relaxation of the ionic atmosphere has no effect 
upon the viscosity coupling between the ions, and other effects (con- 
nected with solvation) can also be neglected. Equations (457) and (488) 
thus give 




CaJSJ— pa^2- 


ZD.hT 1 . 

0 _ + 






^D^lcT 1 r /I I •“ 


'■eiT’ijo 

EkP2 

'6in}o 


0 . 


0 . 


(495) 


(496) 


The rec[uired velocities are then given by 

where j is 1 or 2 according to which ion is being considered, and x 
cu^ are defined by 

= («7) 


1 

pi 


(498) 


X is thus connected with the part depending on the frequency, and de- 
pends only on q and the product coQ, The current density i (cf . (496)) is 
thus given by 

(499) 

The total current density 3 mnst be equal to the sum of the conduction 
current and the displacement current, i.e. 


and 

3 = 


3 = X<£4-:^(E = 

47t 4tt 


(500) 


A., 

4-77 


12 % e| o)j 


6-1 &o 




K^Tlf efo)^ X— 2 

(501) 

t Unpublislied calculations by the author; see also J. ScMele, Phys.Z. 34 (lOaS), 61. 
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A is the dielectric constant of the solvent. The conductivity is 
obtained from the real part of the right-hand side of (501), i.e. 

(502) 

while the imaginary part of (501) is connected with the increase in 
dielectric constant D^—Dq by the equation 

^ -TV 477 C, Co o . . , « 

— ^ j/c 2. X imaginary part of x- 

The dispersion effects for the conductivity and the dielectric constant 
are thus determined by the behaviour of x* The general formulae for 
the conductivity and the increase in dielectric constant 
can now he derived. 

The part of the specific conductivity depending on the relaxation 
forces of the ionic atmosphere is given by 


xreal part of x, (504) 


where is the specific conductivity at infinite dilution. The part due 
to the electrophoretic effect is 


T _ s;^nfefic 
“ Z 67T730 ’ 

(506) 

the total conductivity thus being 


Xii- 

(506) 


The real part of x is readily obtained, and is 

real part of x = (i_ i/g)2 Vg)(-^— (507) 
where 

^ Q = (508) 

For stationary fields, i.e. co = 0, (507) becomes 


(real part of xL=o = 


(509) 


In practice (me usually deals with the molar conductivit 3 " in practical 
units. If the molar conductivity at infinite dilution is (505) can 


be written 


Ajj, Ajq A; 




(510) 
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■where Ai„ and An are given by 

. _ -^Wj-el/c 1,000 1 

6-7r')jQ y 9x 

The increase in dielectric constant is given by (503) as 


[§41 

(511) 

(512) 


Z),., 


_ _ 4776162 . 


0V^ 


a>e{( 1-1/2^)2+0)202} 




(513) 


Eq[uatioa (510) for the dispersion conductivity effect vdll be dis- 
cussed in detail later (see p. 211). Quite recently M. Wien'f has con- 
firmed experimentally the predictions of the Debye-Falkenhagen theory 
of the increase of dielectric constant^ the results agreeing well with 
equation (513). Per the sake of brevity, we shall not enter into a 
detailed discussion of this effect.^ It niay, however, he noted that the 
increase in dielectric constant is greatest for = 0, and is proportional 
to the square root of the concentration in very dilute solutions. 

Before comparing with experiment the general equation for the 
dependence of the molar conductivity upon the concentration, we shall 
first deal with the special case of stationary fields, first treated by 
Onsager. 


42 . The Conductivity of Electrolytes for the Special Case of 
Stationary Fields. Experimental Results and the Theory of 

L. Onsager§ 

If in equation (510) the frequency of the alternating field becomes zero, 
we obtain the molar conductivity (in practical units) for a stationary 
field, which we shall term A. For dilute solutions 


A — Aoo Aiq Aji, 

where A^q and An are given by the relations (see (511) and (512)), 

A I 


Mo 


Av 




2DohT 

-^677770 y 9 x 10 ^^^ 


(514) 

(515) 

(516) 


t M. Wien, Ann. d. Phys, (5) 1 1 (1931), 429. 

t For such a discussion, see H. Falkenhagen and L.V&mon, Phya. Z. 33 (1932), 218. 
Cf . also p. 219 and Figs. 54—60. 

§ L- Onsager, Phys. Z. 28 (1927), 277. 
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IntTOducing the value for k given by (227), (515) and (516) become 


. 0-985x 10® 2g 

A,„ = - ^ 


{Df,T)i i-i-Vg 
29 




{lv,zl)is’y. 


(517) 


(518) 


The molar coaducfcivity A is thus given by an expression of the form 

A == Aoo— aVy, (519) 


where 


0-985x 10® 2q 


l2l^2 


The la'w discovered experimentally by Kohlraiisch (cf. (187)) is thas 
accounted for theoretically on the basis of the interionic forces, "j* 
Onsager uses the corresponding expression for the equivalent conduc- 
tivity A"**, which is 

A%^a*(\z^\^\z^\)NY, (521) 

. ^ 0-985x106 

Zi and Zq being the valencies of the ions. Using the values of Drude 
for the dielectric constant of water at 18® and 25®, i.e. 

Z)o = 81-3atl8® 

Dq == 78-8 at 25®, 

and for the viscosities J 

= 0-01056, riQ(25^) = 0*00895 

we obtain for a* the values 


18“. a* = 0-270j^l3i23lA»+17-85(l2i|+|3ji) 


(525) 


25°. a"* 


|A*+21-14(|2j+lz2:). 


A. Test of Onsager s theory for aq'ueons solutions. 

We shall now compare the values of Kohlrausch§ with the above 
equations. Debye and Hiickel have calculated a number of Limiting 
slopes from the conductivity data of Kohlrausch at 18^. Tables 26 
and 27 show the experimental and theoretical values side by side, and 

■f See p- 76- TMs law was predicted by v. Laar as early as 1900; see ^re/i. Teyler, 
pp. 14, 19, and 37. 

t These values are taken from the work of Drake, Pierce, and Dow {Phijs. Rev. 35 
(1930), 613)aiid agree well with the values given in Jnt. Crit. Tab. 5 (1929), 10. 

§ Cf. p. 73. 

3595.7 n p 
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Table 26 


Ccmductivity data for l-l-vahnt eleotrolytes in water 

i == 18° C. a4eor = 35*7+0*159 AS, 


Electrolyte 

A * 

iVao 


^heor 

®eip ‘^theor 

LiCl 

98*9 

57-4 

51*4 

6-0 

LilOa 

67*4 

48'3 

46*4 

1-9 

XiNOa 

m-2 

56-3 

50-9 

5-4 

NaCl 

108-9 

54-7 

53*0 

1-7 

NalOg 

77.4 

51-4 

48-0 

3-4 

NaNOg i 

105-3 

58-3 

52-5 

5-8 

KCl 

129-9 

59-9 

56-4 

3-5 

KBr 

132-0 

62-2 

56-7 

5-5 

KI 

130-5 

51-5 

56-5 

-5-0 

KlOg 

98-4 

54-2 

51-4 

2-8 

KClOg 

119-5 

58-2 

54-7 

3-5 

KNO 3 

126-4 

65-7 

55*8 

9-9 

KCNS 

121-0 

54*1 

55*0 

-0-9 

CsCl 

133*1 

53-8 

56*9 

~~3-2 

AgNOa 

115*8 

62*4 

54*1 

8-3 

TlNOa 

127*6 

63-4 

56*0 

7-4 


TABtiB 27 

Gond'uctivity data for 1'^2-valent electrolytes in toater 

t = 18° C. a* = 53-5541*084 ^ ^ * 


Electrolyte 

A* • 



^ i|C 

^exp 

Ba(NOs), 

117*0 

92-8 

86*9 

5-9 

Sr(N 03 )g 

113*4 

97*8 

85-5 

12-3 

CaClg 

116*7 

88*0 

86-1 

1-9 

CalNOg)^ 

113-6 

97-4 

85-6 

11-8 

MgCk 

110*9 

83*2 

84-1 

- 0-9 


132-2 

81-0 

92-1 

‘-111 


it is seen that the deviations are practically speaking always vdtliitt the 
experimental error.! The difference between the theoretical and 


experimental slopes is slightly greater for 1-2 -valent than for 1-1 -valent 
salts. This is probably dne to the fact that in the former case five con- 
ductivity values, corresponding to y* = 0*0001, 0-0002, 0*0005, 0*001, 
and 0*002 were used for extrapolation, while in the latter case the six 
concentrations 0*0001, 0*0002, 0*0005, 0*001, 0-002, and 0-005 were 
employed. The 1-2 salts are also probably not quite so completely dis- 
sociated as the 1-1 salts. Fig. 40 shows the conductivity curves and the 
theoretical limiting slopes for a number of electrolytes. It is seen that 


, IS improbable that KNO 3 forms complex ions, a.s assumed by Brucker (Z. EUk- 
troc^rjL26 (1920), 463). The results for KMnC^ agree \vell with Oosager’s equation; 
seeR. Pederson (Abh. Norske Videnskabs. Akad. 1932, No. 13). 



§42] SPECIAL CASE OF STATIONARY FIELDS 195 

the limiting slope increases more SI 0 WI 7 than A*, e.g. the absolute 
decrease in conductiritj is greater for HCl than for LilO^, but the 
relative decrease is much. less. 

Fig. 40 really extends to much too high concentrations, since the theory 
has so far only been developed for dilute solutions. The following point 



of aqueous solutions. dilute solutions. 

is of interest. It is seen in Fig. 40 that the experimental points at higher 
concentrations lie above the limiting straight line. There are, however 
cases, e.g. the thallous salts, \yhere the observed points lie below the 
limiting straight line (cf. Fig. 42). These salts have long been known 
to have a tendency to association. Conductivity measurements have 
been recently carried out in the Rockefeller Institute which are accurate 
to 0*02 per cent,, and must thus supersede Kohlrausch's values. It 
has been found that the Onsager equation is obeyed within the 


See the chapter ou more conceiitrated solutions, p. 25(i. 
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experimental error in the range y — 0-00003 to y = 0-001 for 1-1- 
•valent electrolytes. f Kg. 41 a shovs the results for KCl and HaCl. 
The calculated slopes are shown hy dotted lines. KNO3 and AgHOa 
also agree with Onsager’s theory up to 0-002 IN’. 



VTo^ncentra tion 
Fig. 41 a-. 

t T. Shedlovsky, J. Am. Chem. Soc. 54 (1932), 1411. This author proposes an 
empirical extension of Onsager’s equation -which represents the experimental data up to 
0*07 N". for most 1-1 -valent ©lectrol 5 d;es (KNOj, Ag^^Ogjand similar electrolytes are excep- 
tions). Transport numbers have also been determined -with an accuracy of 0-02 per cent, 
by the moving boundary method (Macinnes and Longsworth, Chem. Rev. 11 (1932), 171) 
and also obey Onsager’s equation in very dilute solutions. 

By combining the results of conductivity n-ieasurements with the transport numbers, 
the mobilities of ions at infinite dilution can be calculated with great accuracy (see 
Mclnnes, Shedlovsky, and Lfongsworth, J. Am.' Chem. Soc. 54 (1932), 2758). In this 
connexion it is also found that Kohlrausch’s law of th© independent mobility of ions is 
valid for the K^- ion up to 0*01 N. The E1+ ion in KKO 3 exception (see Meinnes, 
Shedlovsky, and Longsworth, Chem. Rev., August, 193^). 
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Kg. 41 shows the conductivity cuxv'es for 1 - 2 -valent salts. (For the 
sake of cleamesSj the curves for Sr(]Nr 03)2 and Ba{X 03)2 have been 
displaced vertically 10 units). and Ea(X 03)2 show undoubted 

signs of association, while the chlorides appear to be fairly completely 
dissociated, which agrees with previous ideas on the subject. 

For salts of higher valency types, it seems as if there are not yet 
sufficient data in dilute solutions, since the values for the limiting slope 
are higher than the theoretical. This may he seen from Table 28. 


Table 28 


Conductivity data for 2-2~mlent electrolytes in uuter 
t = IS" C, a^heor = 71-4-f 0*63S A* 


Electrolyte 



^tieor 


MgSO^ 

114*7 i 

242-7 i 

144*4 

1 98*3 

CJdS 04 

118*0 i 

..... 

270-7 

1 145*1 

125*5 


It would he of great interest to extend the data for this type of electro- 
lyte to yet more dilute solutions. In the case of MgS 04 it may in fact 
be shown that the extrapolation is incorrect, as the value obtained for 
A* does not agree with that calculated from the mobilities of 
and SO^, taken from the data for 1 - 2 - valent salts. Thus by adding the 
e( 3 [nivalent conductivities of MgClg and K 2 SO 4 and subtracting that of 

KCl, we obtain 1 10-9 + 132-2— 129-8 = 113-3, 


while the extrapolated value is 114-7, the difference being well outside 
the experimental error. Fig. 45 shows how extrapolation to the theo- 
retical hne involves a point of inflexion. The experimental points 
actually do show a slight S-shaped bending, and the curve can be dravm 
without violence as a continuation of the theoretical straight line 
113*5— 143-3^(47*). Similar considerations apply to CdS 04 . 

Before going on to the results in other solvents, we shall illustrate 
the application of the Onsager theory to a few acids. Accurate measure- 
ments of the conductivity of dilute solutions of acids have been earned 
out with HlOg by Kraus and Parkerf and with HCl by Parker, J both 


j- C. Kraus and H- C. Barker, J. Am. Chem. Soc. 44 (1922), 2429. 

Ij: H. 0. Parker, J. Am. Cheni. Soc. 45 (1923), 2017. Data are also available for the 
conductivity of acids in methyl and ethyl al(‘ohol. Murray -Rust and Hartley {Proc. /-’uy. 
Soc. 120 (1929), 84) showed that some 1- 1- valent acids (c.g. HCl) are strong eleL-trolytes 
in both alcohols, and agree approximately wdth Onsager's theory, the de\*iatioiis being 
greater in ethyl than inniethy^l alcohol. Other acids, e.g. HNO^ and thioc'vaiiic aci«d, are 
w’eak acids in ethyl alcohol. Very’ few measurements exist of the conductivity of acids 
in non-hydroxylic solvents. Practically" all acids appear to be weak in these solvents, the 
only exception being perchloric acid (see C. P. Wright, D. M. Murray -Rust, and H. 
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at 25®. rig. 44 shows the values for HCl plotted against V(2y*), and 
the most probable limiting straight line, 

A* = 427-1— 111-0V(27*). (524) 

The circles and crosses in Tig. 44 refer to different series of measure- 
ments. There is satisfactory agreement with theory. In the case of 



2-2-valeiit electrolytes. 

iodic acid (cf. Fig. 45) there is obviously incomplete dissociation, even 
in highly dilute solutions. A conductivity carve of this form is found 
for a large class of electrolytes, and will be discussed in the chapter on 
more concentrated solutions.| 

Hartley, J". Chem. Soc. (1931), 199. See also the section, by H. Hartley, O. Gatty, W. A. 
Macfarlane, and D. M. Murray -Bust on the electrical conductivity of solutions, An 7 i> 
Mep. 1931). Goldschmidt and his collaborators (see H. Goldschmidt and H. Aarflot, 
Z.phys. Chem. 117 (1925), 312; 119 (1926), 439; Goldschmidt and E. Aas, ibid. 112 
(1924), 423) find that the dissociation constants of acids which are weak in water are 
co^iderably smaller in methyl and ethyl alcohol than in water. H. Hunt and H. T. 
Briscoe [J. Phys. Chem. 33 (1929), 190, 1495) find that the conductivity of acids in 
alcohols decreases with increasing molecular weight of the alcohol. 

400 ^ ^ G. H. Jeffery and A. 1. Vogel, J. Chem. See. (1932), 
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Large deviations are found on compaiing the results fox 1 - 2 -valeiit 
acids with the Debye -Onsager theory. Thus for H 2 SO 4 at 18° the 
theoretical value, = 148-8 (cf. (528)), is about three times as great 
as the experimental value. To obtain, a more exact comparison, it would 




Fig. 45. Equivalent conductivity of IIIO 3 at 25 

be necessary to extend the measurements to include the more dilut 
range. 

Onsager and Tuossf have recently extended the theory to the ease o: 
mixture by employing matrix algebra. The treatment is extremely 
complicated, and has so far only heen carried out for the simplest cas< 
t J. Fhys. Chem. 36 (1932), 2689. 
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(tlree different sorts of ioas). There are at present hardly any accurate 
measuremeiits which can be compared with the theory. One of the 
most interesting efiects has been observed by Bray and Huntf who 
determined the conductivities of mixtures of NaOl and HCL They 
found (in agreement with the theory) that at constant total ionic con- 
centration the conductivities were not additive, although in NaCl and 
HCl separately the mobility of the chlorine ion is independent of the 
cation.J The rapid hydrion is retarded more than in the single electro- 
lyte, while the slower K ion is accelerated. The Cl ions retain their 
normal velocity. The nature of this effect was first theoretically dis- 
cussed by Eennewitz, Wagner, and Kuchler-§ On account of the high 
concentrations studied by Hunt and Bray, their results agree only 
qualitatively with the calculations of Onsager and Fuoss. More recent 
measurements by R. A. Kay -Smith and E. A. Gartner] | appear to 
agree quantitatively with the theory within the experimental error. 

B. The de^endeifice of conductivity upon temperature and pressure. 

For 1-1-valent electrolytes, Onsager’s theory is very successful in 
predicting the dependence of conductivity upon temperature. For 
aqueous solutions at 0® the theoretical equation is 

A = Aoo-<0*2186A«+29‘47)Vy (525) 

and at 100° A == Aoo-(0-2758A«+201-l)Vy. (526) 

Thus for KCl the theoretical slope is 47-3 at 0° and 313-4 at 100°. The 
results of Walden and TJlichff for 1-1-valent electrolytes agree well 
with Onsager’ s theory within the experimental error. 

It is of interest to consider the variation of the equivalent con- 
ductivity over a greater temperature range. For dilute solutions, this 
is obtained hy differentiating (521) with respect to temperature. The 
first term of the expression thus obtained will then contain the differ- 
ential coefficient of the equivalent conductivity at infinite dilution, 
which is positive, since the viscosity of the solvent decreases with in- 
creasing temperature. Since, however, the dielectric constant of the 
solvent decreases with rise of temperature the second term will be 
negative, so that the increase of conductivity expressed by the first 

t J. Atn, Chem. Soc. 33 (1911), 7S1. 

t So© Hohlrauscli-Holbom, Leitvermogen der Elektrolyte, Mclrines and Co'urperth'waite, 
Trans. Farad. Soc. 23 (1927), 400. 

§ .2.30(1929), 623. 

I! J. Phys. Chem. 37 (1933), 29. 

tt P. %Vald©n and H. TJlich, Z. phys. Chertu 106 (1923), 49. 
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term will be largely compensated, especially at higher concentrations. 
The increase in A% is balanced by an increase in the difference A? — A*. 
Further, the considerable decrease in dielectric constant may lead to 
a decrease in the true degree of dissociation. -f The last two effects may 
be so large that the equivalent conductivitj no longer increases, but 
decreases with increasing temperature. Fig. 46 shows how the equiva- 
lent conductivity of ISTaCl solutions of different concentrations varies 
with the temperature. The temperature at which the equivalent con- 
ductivity reaches a maximum becomes lower with decreasing dielectric 
constant and increasing concentration, as would be expected from the 
theory. For 1-1-valent salts in water this maximum occurs at a very 



Fig. 46. Effect of teiaperature upon conductivity curv'es. 

high temperature near the critical point. Tor salts of higher valency 
types the maximum occurs at lower temperatures. This is due to the 
fact that the Coulomb forces are stronger than for 1-1-valent salts, and 
hence the difference A* — A* becomes equal to the increase in A* at a 
lower temperature. A more detailed examination of the effect of 
temperature requires more accurate data on the A^ariation of the 
dielectric constant of electrolyte solutions with temperature. 

The effect of pressure upon the equivalent conductivity can be simi- 
larly treated. Zismanf has recently published an experimental and 
theoretical treatment of the effect of pressure upon the conductivity of 
salt solutions in water. He employs, however, the inaccurate conduc- 
tivity theory of Debye and Hiickel, and his conclusions are thus open 
to some modification. 

t See p. 297. 

% W. A. Zisman, Pki/s. Rev. 39 (1932), 151. See also E. Erander (Soc. Sci. Fenn. 
Comm. Phys.-Math. 6 (1932), 8) for s. very complete list of the literature. Fora further 
disciission of the effect of temperature and pressure, see L. Ebert, JHandb. d. 
rnentalphysik, pp. 246, 256- 

3596.7 T» d 



20*2 DEBYE’S THEORY OF CONDUC'TIVITY [§ 42 

C- CmnparisoTh of Onsager's theory with experimerital data in non'- 
aqueous solvents. 

We shall now proceed to test Onsager’s t}ieor 7 in other solvents, 
with special reference to some points of interest. For methyl alcohol at 
25^" (dielectric constant 30), the Onsager theory gives for 


3^* = 115 


1 + Vg 


l^i22|A* +55-3(l2:iH- Isg I 


(527) 


Onsager has employed the conductivity data of Frazer and Hartleyf 

and found a good confirmation of the 
theory for 1-1-valent salts over the range 
of concentrations studied, ~ 0-0001 
to y* == 0*002. Table 29 shows the com- 
parison between the theoretical and ex- 
perimental slopes; the agreement is fair 
except in the case of the nitrates, which 
are not completely dissociated at a con- 
centration of 0*0001 in methyl alcohol. 
It would be of great interest to extend 
the measurements with nitrates to yet 
higher dilutions, in order to test the 
theory in a more satisfactory maimer. 
The activity coefficients probably show 
similar deviations from the theory. The 
halides, on the other hand, are much 
more completely dissociated, as may he 
seen from Table 29 and Fig. 47. 

Unmack, ITurray-Rust, and Hartley^ 
and Copley and Hartley§ have recently measured the conductivity of 
a number of thiocyanates and perchlorates in methyl alcohol. The 
results for 1-1-valent salts agree excellently with the Onsager theory, 
hut the experimental limiting slopes for Ca, Sr, Ba, and Mg salts are 
much greater than the theoretical values. 1-2-valent salts thus have a 
tendency to associate in methyl alcohol. A comparison of the results for 
the chlorides, nitrates, and thiocyanates of the alkali metals shows that 
the deviations from the Onsager equation increase with increasing 
atomic weight of the metal. The mobilities of the cations increase in the 
same order. If it is assumed that the mobilities increase with decreasing 



Fig. 47. Conductivity of salts in 
methyl alcohol. 


f J. E. Frazer and H. Hartley, Froc. Moy, iSoc. 109 A (1925), 351. 

% Pl. Unmack, J), M. Murray-Rust, and H- Hartley* Proc. Roy, Soc, 127 A. (1930), 228. 
§ E. D. Copley and H. Ha.rtley, J. Chem. Soc. (1950), 2488. 
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size of the solvated ions, it appears that the deviations from theoretical 
behaviour are greatest for the smallest cations. (This agrees with 
Bjerrum’s ideas on ion association, see p. 258.) 


Table 29 


Conductivity data for l-l-valent electrolytes in methyl alcohol 
t ~ 25°C, Dielectric constant = 30. = 109-t-0-674A* 



A* 

Jk-co 


®th«or 



K* 

-*exp 


LiCl 

90*9 

158 

170-3 

-12-3 

LiNOa 

100-3 

177 

176-7 

€-3 

NaCI 

97*0 

163 

174-3 

-113 

NaNOa 

106-5 

204 

180-8 

23-2 

KCl 

105-1 

185 

179-8 

5-2 

KNO, 

114-6 

244 

186-2 

57-8 

RbCl 

108-7 

199 

182-2 

16-8 

RbNOa 

118-2 

251 

188-7 

62-3 

CsCl 

113-6 

200 

185-5 

14-5 

CsNOs 

123-0 

268 

191-8 

76-2 

KF 

94-0 

167 

172-3 

- 5-3 

AgN 03 1 

113-0 

319 : 

185-1 

133-9 

KBr 

109-4 

185 

182-7 

2-3 

NaBr 

101-5 

170 i 

177-4 1 

7.4 

KI 

114-9 

184 

186-4 

t 2-4 

NaOCHa 

98-4 

: 157 i 

175-3 1 

-18-3 

NH4CI 

111-0 

187 

183-7 

3-3 

NaC104 

1 115*1 

1 198 ' 

186-5 

i 4-n-5 

HCl 

193-5 

260 

239*4 

20-6 


j 



i 


Walden, Ulich, and Launf have carried out sufficiently accurate 
measurements at extremely high dilutions in a number of no]i-aq[ueous 
solvents, and were able in many eases to confirm the Onsager theory. 
The salts employed were tetraethylammonium picrate, isohutylam- 
monium chloride, diethylammonium chloride, and tetramethylammo- 
nium chloride, all of which are practically completely dissociated up to 
0*001 N. In many cases the limiting slope of the (A*, Vy’*') curve agrees 
well with the Onsager equation. Fig. 48 contains some examples with 
widely differing solvents, the points representing the experimental 
values and the lines the theoretical limiting slopes. Only l-l-valent 
salts are included, and only solvents with a dielectric constant about 30. 
Tor lower dielectric constants systematic deviations from the Onsager 
theory occur.}: This may be seen from the results of Walden, Ulich, 
and Laun in ethyl alcohol (D.C. — 24) (cf. Fig. 49). In order to show 
more clearly the effect of the dielectric constant upon the A curves, 
we may take the ratio A/A^c. for the same salt in different solvents. 
The Onsager theory gives for this ratio, 


An 


f0-818x 10®^2 

/ T\ rn\i ** "T" / rv /T»\i k 



(32S) 


for a 2 : -valent binary electrolyte. Taking as an example tetraethyl - 
ammonium picrate at 25'^, we have from Walden's rule (see p, 79) 


t F. Walden, H. Ulich, and F. Laun, Z. phys. Chem. 114 (1924), 275. 
t Cf. Figs. 49 anud 50. The dotted lines represent the theoretical limiting slopes. 
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Ajo rjQ = 0*561, and the only remaining variables are Dq and V/. This 


^ — 1— 

(159 , 

0-471 

A-arj 




Vy. 


(529) 


has been previously shown as a fxmctian of Vy in Fig. 10 (p. 79). 
Fig. 50 shows two examples of conductivity curves in solvents having 





dielectric constants lower than 30, i.e. KBr in liquid ammonia and 
KCl in acetone. Tetraethylammonium iodide, potassium iodide, and 
other salts have been studied in nitroniethane by a number of authors, f 
and potassium iodide appears to be partly associated. Thus in spite of 
the fact that the dielectric constant of nitromethane is greater than 

t J- C. Philip and H. E. Courtman, J. Cheni. Soc. 97 (1910), 1261 ; J. C. Philip aad 
H. B. Oakley, ibid. 125 (1924), 1189; C. P. Wright, Murray-Rust, and Hartley, ibid. 
(1S31), 199; Walden, Z.phys, Okem. 163 A (1933), 263, 321. 
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tliat of metliyl alcohol, there is less association in methyl alcohol. This 
point is well illustrated by Figs. 50a and 50 b, which represent the 
results of Hartley and his collaborators for the alkali thiocyanates in 
metliyl alcohol and nitrornethane. Acetonitrile (D.€. = 36) and nitro- 
benzene')' (D.C. = 35) resemble nitrornethane in their behaviour. 



•01 -OZ OS -04 

Fig. 49. Condactirity of salts in ethyl alcohol. 


Franklin and Krausf have investigated a number of l-l-valent salts 
in liquid ammonia (D.C. = 22). All the salts appear, however, to be 
quite weak. 

Walden, Ulich, and Euscli§ have investigated l-l-valent salts in 
acetone at 25'" C. (D.C. = 21*2). They find that the square root law is 
obeyed, but that the slopes are much steeper than the theoretical 

t P. AValdeii, Z, phys. Chem. 54 (1905), 203; 78 (1911), 273; P. Walden aiul E. J. 
Birr, Z. phgs. Chein. 144 (1929), 269; 153A (1931), 1; ibid. 165 A (1933), 2M, 321; 
:Murray-Rust, H. J. HadoAv, and Hartley, J. Chem, Soc. ( 1931 ), 2 ir>. 

I E. 0. Franklin anti C. A. Kraus, Aw. Chem. J. 23 (1909), 277 ; J. Aw. Chtm. ^oc. 
27(1905), 191. 

§ P. Walden, H. Ulich, and G. Busch, Z. phys. Chem. 123 (1926), 429. 
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straight lines. Again the salts are presumably incompletelj dis- 
sociated. 

Marbinf has measured various 1-1 -valent salts in acetonitrile (D.C. 
= 26), and found them to be incompletely dissociated. 



Morgan and LammextJ have investigated KI in acetophenone 
(D.C. = 18), and find that it resembles a weak electrolyte in its be- 
haviour. 

Frivold§ has measured LiCl, LiBr, LiClO^ and guanidine nitrate in 
cyclohexanol, and finds no agreement with the Onsager theory, 
f A. R. Martin, J. Chem. jSqc. (1928), 3270. 

X J. L. R. Morgan and O. M. Laminert, J. Am. Chein. Soc. 46 ( 1924), 1 126. 

§ O. E, Frivold, J. Franklin Inst. 208 (1929), 627. 



METHYL ALCOHOL 



VCONCENTHATION 0 01 0-02 O-OS 0-04 0-05 

Fill. r*0 A. Coiiiiuetivity of thioeyaiiatog in iiiGthyl alcohol. Fio. 50 b. Conductivity of thiocyariatog in nitroniotlianc 
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Measurements have also been carried out in solvents of still lower 
dielectric constant.f No salts behave as strong electrolytes in these 
solvents. 

The experimental data for non-aqueous solutions show that very 
specific effects often come into play, and the dielectric constant is often 
only of subsidiary importance in determining the degree of dissociation. 
The solvents which have been studied fall into two groups. I Hydroxylie 
solvents (-water and the alcohols) form one group, in which the dielectric 
constant is the chief factor in determining the course of the conductivity 
curves. The other group comprises solvents of other types, e.g. nitro- 
benzene, nitromethane, and acetone, in which most 1-1 -valent salts 
behave as weak electrolytes, and the conductivity curves vary in a very 
individual way from solvent to solvent.§ In these cases the Debye- 
Onsager theory is not able to give a complete picture of the hehaviour 
of the electrolytic solution. It will probably be necessary to take into 
account the chemical nature of the solvent and the (juantum-mechanical 

TA.BKE 30 


PercerUage deviations jrom the Onsager theory at 25® 


Electrolyte 1 

WaterW 

Methyl 

alcohol 

Ethyl 

alcohol 

NitrO’ 

methcine 

Aceto- 
ruitrile | 

Acetone 

KCNS 

- 1*7 

0 

37 

180 

. • 

122 

KI 

- 8-8 

-10 

38 

73 

17 

58 

LiClO* 

-12 

— 2 

10 

430 

. . 

54 

Li-picrate 

-32 


16 

. . 

410 

270 

Na-picrat© 


3 

104 


106 

190 

LiNOa ' 

0 

i—w/ 0 

21 i 

. . 



Agjro3 i 

15 

70 

130 

. . 

84 

weak 

NI(C,H5)4 


23 

102 

2 

5-7 

98 

N(C2H5)4-picrate 

~ 10 

17 

75 

- 1-5 

6 

34 

HCl 

^ 0 

7 

88 

weak 

weak 

weak 


t See P. Walden and G. Busch, Z.phys. Chem, 140 (1929), 89; Walden and H. G-loy, 
ibid. 144 (1930), 395. The solvents studied were tetrachlorethan© (D. = 8), symm. 
dichloxethylene (D. ^ 7) and ethylene dichloride (D. /-h-/ 10). 

X See P. Walden, L. F- Andrieth, and E. J. Birr, E. phys. Chem. 160 A (1932), 337. 

§ For the behaviour of acids, see p. 197, especially footnote. It may be mentioned here 
that while hydrogen has an. extremely high mobility in water and the alcohols, its 
mobility is quite normal in non, -hydroxylie solverLts. This fact supports the theory of 
Hiiekel (Z. Elektrochem. 34 ( 1928), 546) who has proposed a chain mechanism involving 
the transfer of a proton from one water molecule to another. However, according to 
Huckel, at a frequency of about 3 x 10^® this transfer should take place in all directions 
with practicaUy the same probability, so that only the normal mobility should remain. 
H. Zahn (Z. /. Phys. 58 ( 1929), 470) finds no decrease in the mobility of the hydrogen ion 
in water at these frequencies. See also P. Walden, Z. phys. Chem. Bodenstein Festband 
(1931), p. 19. 

II These figures refer to 13°. 
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forces between the molecales and ions in order to account for these 
specific effects. Table 30 shows the percentage deviation from the 
Onsager slope for some typical salts in various soivents.f It will be 
seen that in differentiating solvents the calculated values usually differ 
considerably from the observed values. Only strong salts exhibit 
satisfactory agreement with the theoretical limiting law. 


D. Onsager^ s theory of traTisport numbers 

All the ions present contribute to the specific conductivity of an 
electrolyte. The equation of conduction for an electrolyte leads to the 
following equation connecting the specific conductivity of the solution 
A with the mobilities of the ions 1^^% 

1 ,OOOA = 2 yf k ohm~^ cm.-^). (529 a) 


Each sort of ion is thus characterized by a perfectly definite contribu- 
tion to the total conductivity; this contribution is proportional to the 
transport number of the ion, defined by the equation 


(529 b) 

2, Yi k 

so that 1 . It may he expected that the transport numbers will 

obey Onsager’s theory to the same extent as mobilities or conductivi- 
ties. As an example we shall take the case of some 1-1-valent salts in 
water at 25°, the transport numbers of which have been determined 
by Longsworthg by the moving boundary method. According to 
equations (519) and (o20), Onsager’s theory gives for the equivalent 
conductivity and mobility. 


A = Aoo— (aAao+6)vV 


(529 c) 


f The values in Table 30 are in many cases only approximate, since in iion-aqiieons 
solvents the extrapolation of the conductivity curv’e to inlinite dilution is often in- 
accurate. 

t The cuTTent density i is given by 
conductivity by \ — 

Introducing the mobilities (referred to molar concentrations) by the relation 


i = 2 = 

^n,ef I 
D, 9 X 




and lienee the speciiic 


2 

Pi 


Ne*^'l=il 


9 X 19^1 


and the molar concentration y* by 

'■ 1,0001:, I 

equation (529 a) follows at once. 

§ Li. Gr. Longsworth, J- Am. Chern. Sck'. 54 (1932), 2741. 
S59S* 7 0 



210 DEBYE’S THEORY OF CONDUCT I VITY [§ 42 

wliere a = 0*2274; b = 29*9. The transport number of tlie cation is 
thus given by 

Zj_ Zj-rri 

Z^qo+^*-c5o — WZ+oo+Z-. 


where Z_oo are the mobilities at infinite dilution. If we now write 

for the transport number of the cation at infinite dilution 


M^+oo 


Z-f-oo 

Z-}-0O~j~Z_Qo 


(529 e) 


and make the further abbreviation 


A' = Z+ao-|-Z_oo — 

= Aoo-”(aA«+ 26 )Vy, 


then (529 d) becomes 


'^+co 


( 1 — 

A.' 


(529f) 

(529 g) 


If therefore we plot ^4 against v'y, the slope at infinite dilution should 
\cZVy/y^o 

Fig. 50 c shows plotted against Vy for HCl, KCl, NaCl, and LiCl. 
The circles represent the experimental points, and the curves correspond 
to the more general equation 


A' 


A' 


(529 i) 


The limiting slopes are also shown in the figure. The experimental 
results for KCl agree with Onsager’s theory up to a concentration of 
several hundredths normal. Jones and Dolef have proposed for the 
transport number of EaClg a formula which represents the experimental 
results up to high concentrations. Their equation does not, however, 
reduce to that of Onsager at high dilutions, and the same applies to the 
empirical equation used by Jones and Bradshaw]: to represent the 
experimental results for LiCl. 

It is probable that a more accurate study of the transport numbers for 
1 - 2 “ valent salts would confirm the Onsager equation for sufficiently 
dilute solutions. In the case of 2 - 2 -valent salts and non-aqueous solu- 
tions, we should anticipate similar deviations to those found for con- 
ductivities. § 


f G. Jones and M. Dole, J. Am. Chem. Soc. 51 (1929), 1073. 
i G. Jones and B. C. Bradshaw, ibid. 54 ( 1932), 138. 

§ See preceding section. 
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§43] 

43. Results of the Theory of Dispersion for the Conductivity 
and Dielectric Constant of Strong Electrolytes 

A. deneral calculation of the dispersion effect for conducHriiy. 

We have already seen that when an ion moves in a stationary electric 

Concentration 



Fig. 50 c. Variation of t ransport number with concentration. 

field the charge distribution loses its s^umnetry, and thus produces a 
retarding effect which is partly responsible for the decrease of equivalent 
conductivity with increasing concentration. If the applied field is cut 
off at a giv^en moment (;^ = 0), the ion will come to rest in about K)"^^ 
sec., and hence will hardly move from the point corresponding to 
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^ == 0. It can be shown-j- that the disappearance of the Tinsjmmetrical 
charge distribution in the ionic atmosphere is goremed b j a similar law 
to that which determines O, the time of relaxation of the whole ionic 
atmosphere. After a time 40 the unsymmetrical charge distribution 
will have practically disappeared, leaving only the symmetrical ionic 
atmosphere, which exerts no retarding force upon the ion. The forma- 
tion and disappearance of the nnsymmetrical distribution thus req[uire 
a certain time of the order of magnitude 0. The cause of the dispersion 
effect is now obvious. If an external electric field of frequency cu is 
acting upon the ions in the solution, each ion (apart from its Brownian 
movement) will describe a to and fro movement. If the frequency of the 
alternating field is small compared with 1 /0, the unsymmetrical charge 
distribution in the ionic atmosphere at any moment will correspond to 
the instantaneous velocity of the ion, i.e, the relaxation force will be 
the same as in the stationary case. If we now consider the other 
extreme, in which co is very large compared with 1/0, there will not 
he enough time for the formation of any unsymmetrical charge distribu- 
tion, and hence the retarding relaxation force will be zero. The con- 
dnotivity therefore increases with increasing frequency. The molar 
conductivity (cf. (510)) can be written in the form 


where 

and from (517) 

■^10 

x(uj 9, q) = 


A-oo A.JI, 

= Aio 

29 


0-985x106 2g 


(D,T)^ 1+Vq 
l-f-Vg 

Vg{(l-l/g)2+cu202} 




(580) 

(581) 

(532) 


(583) 


where R and Q are defined by (508). 
Introducing the mobilities 1^ defined by 


K = Eli, 


© and q can be written in the form (cf. (466) et seq.) 


15-34 X 10-^ 


( 535 ) 


t Unpublished work by: the author. 
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31 

Values o/AjJAio 



q — 0*5 

q = 0-45 

q = 0-40 

q 0-35 

q = 0-30 

0 

1-00 

1*00 

1*00 

1 -(H) 

hm 

0-2 

0-907 

0*997 

0*997 

0*997 

0*997 

0*5 

0-980 

0-981 

0*981 

0*981 

0*981 

0-75 

0-956 

0-959 

0*962 

0*965 

0*968 

1 

0-930 

0-934 

0*938 

0*942 

0*946 

1-25 

0-904 

0-909 

0*913 

0*918 

0*922 

1-5 

0-876 

0-882 

0*888 

0*894 

0*900 

2 

0-826 

0-833 

0*841 

0*848 

0* 856 

2-5 

0-783 

0-791 

0*799 

0*808 

0*817 

3 

0-745 

0-753 

0*763 

0*773 

0*785 

4 

0-682 

0-691 

0*701 

0*713 

0*727 

6 

0-503 

0-603 

0*614 

0*628 

0*643 

8 

0-5S1 

0-540 

0*553 

0*565 

0*582 

10 

0-486 

0-495 

0*507 

0*520 

0*537 

15 

0-409 

0-417 

0*428 

0*442 

0*458 

20 

0-360 

0-368 

0*378 

0*390 

0*406 

25 

0-326 

0-334 

0*344 i 

0*354 

0*369 

30 

0-299 

0-307 

0*317 1 

0*327 

0*342 

35 

0-279 

0-286 

0*295 

0*305 

0*318 

40 

0-261 

0-267 

0*277 

0*287 

0*299 

45 

0-247 

0-254 

0*263 

0*272 

0*288 

50 

0-235 

0-242 

0*250 ! 

0*259 

0*271 

75 

0*193 

0-199 

! 0*206 i 

0*214 

0-223 

100 

0-168 

0-173 

0*179 1 

0*186 

0-195 

150 

0*138 

0-142 

0*147 1 

0*153 

0-160 

200 

0*1195 

0-1232 

0*1278 I 

0*1328 

0-1394 

3(K) 

0*0983 

0-1011 

0*1046 i 

0*1088 

0-1145 

500 

0*0759 

0-0783 

00812 ! 

0 0844 

0-0888 

700 

0*0643 

0-0663 

0*0688 

0*07165 

0-0751 

1,000 

0*0538 

0-0555 

0*0576 

0*0599 

0-0629 

5,000 

0*0241 

0*0249 

0*0258 1 

0*0269 

0-0282 

10,000 

0*01706 

0*01755 

0*01824 

0*0190 

1 

0-0199 


'where for a single electrolyte (cf. (233)) 

KT^ = 12-16X 

Dq 1 

Substituting in (535) the values of q and k~ from (536) and (537), and 
remembering that = vjZjy = 7 *, the expression for 0 becomesf 

8-85xja-“ 
y*A* 


0 




(537) 


(535') 


The dependence of the conductivity upon the frequency is governed by 
the function which depends upon £U0 and q. AVhen w = 0, A,^ = A,o, 


t This simple expression for © was first given by Schiele; cf. M. Wien, d. Phys 

(5) 11 (1931), 432. 
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and ;c - --= 1. The dispersion effect is simply expressed by means of the 
ratio AjJAjq. We shall show briefly how this ratio can be rapidly 
calculated for any given electrol 5 d}ej given the solvent, temperature, 
concentration, valencies and motilities (l^) The quantities q and 
0 can he calculated from (535') and (537). Since now depends 

only upon q and ojQ (see (531)), we can construct a table of values of 
Aj^/Aio which can be used to calculate this ratio for any electrolyte 
and any value of co. The wave-length I in metres is introduced by the 


relation 


18-85x10^ 

CO0 


0 . 


The decrease in conductivity caused by the relaxation effect in the 
stationary case and the decrease due to the electrophoretic effect may 
be easily calculated from equations (533) and (532) for Aio and An- 
The conductivity can thus be calculated for any frequency and any 
concentration. 

Table 31 contains values of AjJA^q, correct to better than 1 per 
cent. 


E. Applications of the theory of condmtivity dispersion, 

{a) Mobilities, q-values, and thicknesses and times of relaxation of the, 
ionic atmosphere in some particnlar cases. Tables 32 and 33 contain 
values for the mobilities and the quantities l//c, g, and 67 . l//c 
and 0 can be obtained directly from Table 33 for sufficiently dilute 
solutions. 


Some values for the mobilities, thickness and time of relaxation of the 
ionic atmosphere, and q-factors 


Table 32 


Ion 

18° C, 

25° C. 

H + 

315 

349-72 

Cl- 

65-4 

76-32 

Iv + 

64-6 

73-5 

Li+ 

33-4 

38-68 


43-5 

50-1 

:no3 

61-8 

71-42 

]VIg- + 

45-5 

53 

Cd-^ + 

47-5 


011-^ + 

46 

55 


51-5 

59 

so= 

68-5 

81 


50 

72-7 

Fe(CN)“ 

•* 

95-5 
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Table 33 


— — 1 

i 

Mectrolyte | 

1 

-xlO-"« i 
y 



10'® 

HCl ' 

3*06 1 

0*107 

0-5 

i 0*100 1 

t 

KCl 1 

3*06 

I 0*307 

0*5 

0*553 j 

t 

LiCI 1 

' 3*06 , 

' 0*107 

0-5 

1 1 


MgClj i 

1*77 1 

0*321 

0-421 

0*323 


H 2 SO 4 ! 

1*77 

0*321 

0-306 

0-0942 


CdS04 1 

1*53 

0*4-28 

0*5 

0*310 i 

^ IS' 0. 

MgS 04 

1*53 

0*428 j 

i 0-5 

0*315 i 

i 

CuSO* 

1*53 

0*428 

0*5 

; 0*311 


LaCls 

1-25 

0*642 

0-3;)2 

0*207 


La(N 03)8 

1*25 

0*642 

0-356 

0*217 


K4Ee(CN)« 

0-9G 

1*08 

0*344 

0*103 1 

[ ^ I"** 

Ca^FeCCNle 

0*88 

1*29 

0-482 

0*113 j 

f V - 


(i) The effect of concentration, temperature, ani dielectric constant upon 
the dispersion of conductivity. We shall take as our example KCl in 
water at 18° C., so that i ><3 = 81-3. Tor the concentratioas 

y = 0*01, y = 0-001, y = 0*0001 

Table 33 gives for the times of relaxation 

0 = 0-553 X 10-8 sec., 0 = 0-553X 10“’ see., 

© = 0*553x 10-8 sec. 
and for the corresponding Tallies of 

= 0* 107 X 10-1^ = 0*107 X 1 0-12 ^2 = q* 107 X 10~i2. 

Since we are dealing with a symmetrical electrol^’^te, q — 0-5. The ratio 
Ai^/Aio can now be obtained from Table 31 as a function of I, the 
waTe-length in metres. The effect of concentration upon the dispersion 
effect is shown in Fig. 51, where A-IJAjq is plotted against f the abscis- 
sae being plotted on a logarithmic scale. Thus it is seen from the figure 
that the value AjJAi^ = 0*5 is reached at wave-lengths I = 1-16 in., 
11-6 m., and 116 m., corresponding to the concentrations y ~ 0*01, 
0*001, and 0-0001 respectively. In general, if the concentration is 
decreased U times, the wav^e-length corresponding to a given value of 
AiJAjq will he increased U times. This is due to the fact that the 
time of relaxation (536') is inversely proportional to the concentration. 
It may also be easily seen that for a gwen wave-length there is a certaui 
concentration for which the increase in molar conductivity is a maxi- 
mum. This maximum has been observed experimentally (see p. 225). 

If the temperature is raised, the same value is reached at a 

shorter wave-length. This is due to the fact that the time of relaxation 
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(535') decreases with increasing temperature, since the mobilities in- 
crease more rapidly than the dielectric constant decreases. f 



07 0* IIS {[87 2 ^ 8 i10 Z9 •t-Q £0 ^9 IQO ZS9 mmmiQOO ZB98 

■>“ LfJI tr?. 

Fig. 51. Variation of th© dispersion efiecfc with, concentration. 



7 2 V s i IQ 10 fo SO 10 jQo m socsoofoQO iqq, 

- - - . y I inm. 

Fig. 52. Effect of the valency upon the dispersion effect. 


In the same way, a decrease of dielectric constant displaces the dis- 
persion curve in the direction of shorter wave-length . 

(c) The effect of the valency 'u^on the dispersion effect. We have so 
far dealt only with electrolytes of symmetrical valency types. For un- 
symmetrical types, q ^ 0*5 (see (536)). This variation in the g-values 
and also in the times of relaxation cause the dispersion effect to vary 
with the valency type. Pig. 52 shows the dispersion curves for the 
t See H. Falkenhagen and J. W. Williams, Z.pkys. Chern, 137 (1928), 412, 
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electrolytes KCl, MgS04, LaCls, and K4Fe(CN)^ at a concentration of 
y = 0-0001 in water. The curve for CdS04 coincides with that for 
MgS04. The curve for MgClg WBuld lie a little to the left of the curve 
for MgS04, and the curve for Ca2Fe(C]N')s between the curves for 
K4Fe(CN)6 and LaClg. Table 34 gives the values of Aj^ A^j at different 
wave-lengths for the above electrolytes. 

Table 34 


Values of AiJA^^fcr different wave-lengths (y = 0-(KK)l) 


1 in rn . 

KCl 

MgS 04 

MgCl, 

LaCl, i 

C%Fe(CN)« 

K , Fe ( CX ), 

1 

0-055 

0-070 

0070 

0-08 i 

0-116 

0-138 

2 

0-073 

0-098 

0-102 

0-12 

0-167 ’ 

0-190 

5 

0-115 

0-154 

0-162 

0-19 

0-260 

0-295 

10 

0-163 

0-216 

0-225 

0-28 

0-353 

0-400 

20 

0-230 

0-300 

0-309 

0-39 

i 0-478 i 

0-530 

50 

0*355 

0-455 

0-465 

0-58 

0-676 

0-730 

100 

0 - 4S0 

0-600 

0-610 

0-72 

! 0-815 1 

0-860 

200 

0-630 

0-750 

0-758 

0-85 

i 0-925 

0-950 

500 

0-820 

0-910 

0-915 

0-96 

1 0-983 

0-986 

1,000 

0-925 

0-970 

0-970 

0-98 

1 0-997 

0-997 

2,000 

0-978 

0-994 

0-994 

1 

1 1 ' 

1 

5,000 

1 

1 

1 

1 

1 i 

1 

10,000 

1 . 

1 

1 

1 

> 1 

1 


The values of and Ajq are given by (532) and (533). Some of the 
values are given in Table 35. 


Table 35 

V aliues of -A-jq aTid A^jj 


Valency type 

A„ 

Aio 


1-1 

SO-SVy 

0-224AacNy 

I 18=* 

1-2 

262-4 „ 

0-677 „ 

i 18" 

2-2 

404-4 „ 

1-79 

1 18" 

1-3 

743-0 „ 

1-52 „ 

I 18" 

1-4 

1,890-0 „ 

2-12 

1 25" 

2-4 

2,485-0 

6-32 „ 

25" 

1 


Inserting the appropriate values of Aoo and patting y = 0-0001, the 
values in Table 36 are obtained. 

The magnitude of the dispersion effect is conveniently expressed as 
the percentage l00(A^—AJIiAao—Af^). We shall take as examples 
CdS04 K4Fe(CN)6 at 25^ both at a concentration y = 0-0001. 

Curve I, Fig. 53, refers to K4Fe(CI?^)e and curve II to CdS04. The molar 
conductivity of CdS04 has been taken as 224 (cf. Table 14), and we 

Ajo ™ 4-00 =1*8 per cent. A^ 

= 4-04 = 1*8 per cent. 

Ff 


3595.7 
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Table 36 

Values 0 / All UTid A^^fcr 'vario'ws electrolytes {y == 0*0001) 


Electrolyte 

iVao 

Ax 

Aro 

f C. 

KCl 

130 

0*505 1 

- 0-29 

18° 

HCl 

380 

0*505 

0-85 

18° 

LiCl 

98 

0*505 

0*22 i 

18° 

MgCl. 

222 

2*62 

1-5 

18° 

H^SO* 

767 

2*62 

5-2 

18° 

MgS04 

220 

4*04 

4*1 

18° 

CuSO^ 

220 

4-04 

4*1 

18° 

LaCls 

345 

7-43 

5-25 

18° 

K4Fe(CN)8 

680 

18*9 

14-4 

25° 

Ca2Fe(CN)tt 

620 

1 24-9 

39*2 

25° 


P 



Fig. 53. Variation of the dispersion effect with the frequency. 


Tlie total decrease in the condnctivity is thus 3*6 per cent. Aj^ is due 
to the relaxation forces, and decreases lYith. decreasing wave-length, 
rhiis atl 60 m., for which Aj^/An, = 0-5, an increase of 0*9 per cent, 
will he observed in the molar conductivity. 

In the case of K 4 Te(CIf )q, at 25° is 680, and 

Ajjj = 13*7 = 2 per cent. A^^ 

An = 18*9 = 2-8 percent. A^j. 

The total decrease in conductivity is here 4-8 per cent. At a wave- 
length I = 16-3 m., AjJAj^q = 0*5, and hence the molar conductivity 
will be increased by about 1 per cent. It can be easily shownf that at 
higher concentrations the dispersion effect is relatively larger at suitable 
wave-lengths, 

t See e.g. P. Debye and H. Falkenhagen, Pkys. Z. 29 (1928), 423. 
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C. General Jormulae and interpolation tables for the dependence of 
dielectric constants upon frequency. 

Equation (513) can be written in the form 



(538) 

In the special case of stationary fields, cu = 0, and (538) becomes 


(539) 


Introducing y*, the equivalent concentration, (539) becomes 
j) jn — 


Since 


^i\h\7 = ■"chly = Y*- 
Table 37 


(539') 


CD© 

(7= lO 

q = 0-T5 

g=0-5 

q = 0-45 

g^=:O40 

q ^ 0-;k5 

q 030 

0 

1 

1 

1 

1 

1 

1 

1 

01 

0-992 

0-996 

0-999 

0-999 

0-999 

0-999 

0999 

0«2 

0-988 

0-988 

0-989 

0-989 

0-989 

0-9895 

0990 

0-35 

0-960 

0-974 

0-974 

0-9T4 

0-974 

0-975 

0-975 

0-5 

0-931 

0-985 

0-940 

0-941 

0-943 

0-944 

0-946 

0-75 

0-863 

0-870 

0-879 

0-882 

0-885 

0-887 

0-890 

1*0 

0-789 

0-799 

0-813 

0-816 

0-820 

0-824 

0-830 

125 

0-718 

0-731 

0-748 

0-752 

0-757 

0-763 

0-768 

15 

0-662 

0-6t^ 

0-689 

0-694 

0-7(Xl 

0-7tXi 

0713 

3 

0-544 

0-501 

0-585 

0-591 

0-598 

0-605 

0615 

2-5 

0-459 

0-477 

0-502 

0-510 

0-517 

0-525 

0535 

3 

0-393 

0-411 

0-437 

0-444 

0-452 

0-460 

0471 

4 

0-300 

0-317 

0-342 

0-349 

0-356 

0-365 

0-375 

6 

0-196 

0-209 

0-231 

0-237 

0-244 

0-251 

0261 

8 

0-1411 

0-1524 

0-1703 

0-1753 

0-1811 

0-1877 

0-1957 

10 

0-1080 

0-1175 

0-1326 

0-1369 

0-1419 

0-1477 

0-1(546 

15 

0-0651 

0-0716 

0-0822 

0-0853 

0-0889 

0-0931 

CK1983 

20 

0-0448 

0-0496 

0-0576 

o-a>oo 

0-ai27 

! 0-06t30 

0-0700 

25 

0-0334 

0-0371 

0-0434 

0-0453 

0-0475 

0-0501 

0-0533 

30 

0-0261 

0-0292 

0-0343 

0-0358 

0-0376 

0-0398 

0-0425 

35 

0-0212 

0-0237 

0-0280 

0-0293 

0-0316 

0-0327 I 

0-0350 

40 

0-01764 

0-019(9 

0-0235 

0-0246 

0-0259 

1 0-0275 

0-02‘95 

45 

0-0150 

0-01686 

0-0201 

0-0210 

0-0222 

0-0236 

0-0253 

50 

0-01296 

0-01459 

0-01741 

0-01826 

0-0193 

0-0205 

0-0220 

75 

0-00735 

0-00832 

0-01001 

0-01053 

0-01114 

0-01190 

tH:)1284 

lOO 

0-00489 

0-00555 

' 0-O0tJ72 

0-00707 

0-00750 

0-00803 

0-098(0 

150 

0-00273 

0-00312 

0-00380 

0-0)401 

0-a>426 

I 0-00457 

0-09497 

200 

0-001805 

0-a)2(Xi 

0-00252 

0-00267 

0-00284 

4»-00302 

6H K 1332 

300 

0-000999 

0-001148 

0-a)1411 

0-001493 

0-001592 

0-001714 

0-tX)1876 

500 

0-0ai475 

0-000545 

0-000674 

0-000713 

()-000;62 

0-ai0822 

0-(.XX\^99 

700 

0-000289 

0-000333 

0-000413 

0-aX)437 

0-aX)4i»7 

0-000,50(3 

O-0(Xl(553 

1,000 

0-0001710 

0-0001971 

*0-000245 

0-000259 

0-000278 

0-000300 

0-090329 

5,000 

0-0000157 

0-00001814 

0-0000227 

0-0(X)0241 

0-0000258 

0-D)002K) 

0-(X)00308 

10,000 

0-00000558 

0-0000064(4 

0-00000808 

0-00000859 

0-000)0922 

' o-oxxx.wo 

0-000)110 
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Equation (539) for the stationary case can be employed directly for any 
single electrolyte. For the dispersion effect, however, it is convenient 
to construct an interpolation table showing the values of 


corresponding to different values of ojQ and q. Table 37 has been con- 
structed for this purpose. 

This table, in conjunction with values of -Z)o from (539), makes 

it possible to calculate the dielectric constant of any solution of a single 
electrolyte at any frequency. Some examples are given in the next 
section. 



Eig. 54 . Theoretical dependeuc© of the 
dielectric constant upon the salt con- 
centration. 


0 , 05 (^ 


QJ)2^ 

Centigrade^ 

0 Jo ^50 is 10^ 

Fig. 55. Variation of the dispersion of 
dielectric constant with temperature. 


D. A^gglications of the theory of the dispersion of dielectric constants. 

The values taken for the mobilities and the dielectric constant of the 
pure solvent are the same as those previously employed. f 

[a) The stationary case. Equation (539) gives the following formulae 
for KOI, Mg0l2, LaClg, and MgS 04 in water at 18°. 

^.= 0-^0 = 3*79Vy (KCl) 

= 10-9Vy (MgCla) 

= 13-8Vr (LaCy 

= 30*3 Vy (MgSO^). 

Fig. 54 illustrates this square root law for the increase in dielectric 
constant for the same four salts. 

As a further example we have calculated the variation of 
with temperature for KCl at a concentration of y = 0-0001. The result 

t See p. 215 ; also the papers by Debye, Falkenhagen, and Williams referred to on 
p. 182. The results given in paragraphs (a) and ( 6 ) above have not yet been subjected to 
a thorough experimental test. Cf. p. 231. 
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is shown in Fig. 55. The mobilities, dielectric constants, etc., are given 
in Table 38. 

Table 38 


c . 

0 ° 

18 ® 

25 ® 

50 ° 

75 ° 

100 ° 

JDoC^zO) 

88*2 

81-3 

78-8 

69-9 

62*2 

55-3 


40*6 

64-4 

74-8 

115 

159 

198 

la~ 

41*3 

65-6 

76-3 

116 

160 

208 

0 XlO"xy 

0-952 

0-554 

0-461 

0*268 

0*172 

0-120 

KjXl 0 -“ Xy-i 

10-51 

10-77 

10-78 

11-21 

11*70 

12-27 


\m 

in water 

3t 18^ 




M 

y^\ 

M 


6 <sio zf w 6 QKm 200 miooimmo ' 'lom 
— ► Virnn. 

Fig. 56. Effect of concentration on the dispersion of 
dielectric constant. 



'Fig. 57. Variation of dielectric 
constant with salt concentration at 
different wave-lengths. 


iPx 





6 BIO 20 W SO SOW 200 mm WO 
— ^ I' in m. 

Fig. 58. Effect of temperature on the 
dispersion of dielectric constant. 


(b) The effect of concentration^ temperature, valency, and solvent upon the 
dispersion of dielectric constants. The first example we shall take is KCl 
in water at 18° C. Fig. 56 shows the variation of {D^—‘Dq)I{D^^q—Dq) 
with the wave-length for the three concentrations y = 0*01, 0*001, 
0*0001. The displacement of the dispersion curves towards shorter 
wave-lengths with increasing concentration is due to the decrease in 
the time of relaxation of the ionic atmosphere (cf. (535')). Fig. 57 
shows the increase in dielectric constant plotted against 

Vy for KCl in water at 18°, first for the stationary case 1' = oo. 
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and secondly for Z' = 10 m. It is seen that the curve for Dq 
approaches the concentration axis more and more as the wave-length 
decreases. 

Figs. 58, 59, and 60 show the effect of the temperature, the dielectric 
constant, and the valency upon the dispersion of dielectric constants. 
The dielectric constant of methyl alcohol at 25° is taken as Dq = 30, 
the time of relaxation as 0*245 x 10^®/ Vy and as 28*3 x 10“^^/y. The 
mobilities in methyl alcohol are taken from the work of Hartley and 
Raikes.f 



Fig. 59. Effect of dielectric constant on Fio. 60. Effect of valency on the disper- 
the dispersion of dielectric constant. sion of dielectric constant. 


44. The Experimental Determination of the High-frequency 
Conductivity of Electrolytes and the Variation of Dielectric 
-Constant with Frequency 

As previously mentioned in § 22, M, WienJ obtained experimental 
evidence for the variation of conductivity with frequency long before 
the first theoretical treatment of the effect by Debye and Falkenhagen. 
Sack§ was the first to obtain results of any accuracy at sufficiently high 
frequencies, and he found an increase in conductivity of the order of 
magnitude predicted by the theory. It may be noted that most of 
the earlier methods used for determining conductivities with direct 
currents are inapplicable to high frequencies. Thus Nemst’s well- 
known bridge method is not sufficiently accurate to demonstrate with 
certainty the small effect predicted by the theory. As the frequency 
increases it becomes more and more difficult to maintain the symmetry 
in the bridge system which is necessary to obtain a sharp minimum. 
We shall now describe the experimental methods which have been 
developed recently by Sack, Zahn, Deubner, M. Wien, Malsch, and 
their collaborators. 

t H. Hartley and H. Raikes, Trans. Farad. Soc. (1927) 393. 

i M. Wien, Ann. d. Phys. 83 (1927), 840 (cf. p. 82). 

§ H. Sack, Phys. Z. 29 (1928), 627, 
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A. The method of Sack and his collaborators for measuring the high- 

frequency conductivity of electrolytes,'^ 

The method first employed by Sack, and subsequently developed in 
collaboration with Mittelstaedt and BrendelJ can be conveniently 
described as a deflexion method. The principle of the method is as 
follows. If we have a resonance circuit consisting of an inductance and 
a capacity with a resistance in parallel, the resonance current depends 
upon the magnitude of the resistance, provided that the potential in- 
duced in the circuit is kept constant. If > 1 (where co is the 

frequency, G the capacity, and W the resistance), a given percentage 
decrease in the resistance corresponds to the same percentage increase 
in the current.§ It is thus possible to deduce the resistance from the 
magnitude of the resonance current. The apparatus used by Brendel, 
Mittelstaedt, and Sack gave a relative accuracy of 0*15 per cent, for the 
high-frequency conductivity in the range of wave-lengths 10-30 m. 
The apparatus is shown schematically in Fig. 61 . A Holbom transmitter 
is used (wave-length 6-60 m., intensity constant to 0-1 per cent.) with 
a Telefunken R.V. 218 valve. The oscillations in the transmitter are 
transferred by means of a variable coupling to an untuned intermediate 
circuit (I), the current in which is measured by an aperiodicaUy damped 
circuit (II). The actual measuring circuit (III) consists of a coil, a 
variable condenser, and the conductivity cell in parallel, and is coupled 
to the intermediate circuit (I). The circuit (II) consists of a wire loop 
and a thermocouple with galvanometer. The resonance deflexion was 
measured in an aperiodic circuit (IV) with a thermo-element and a 
mirror galvanometer sensitive to 10“® amp. All precautions are taken 
to prevent the transfer of energy from circuit I to circuit IV. The 
energy in circuit I is kept constant by varying the coupling. The reson- 
ance deflexion can be measured to 0*05 per cent. At the high frequencies 
employed, the dielectric losses in the glass of the conductivity cells are 
considerable, and vary with the frequency and the distance between the 
plates. Hence only one cell is used, of the form shown in Fig. 62. In 
carrying out measurements, the cell is filled successively with a number 

t The bridge method has recently been refined so as to give an accuracy of 0-01 
per cent, (see W. Geyer, Ann. d. Phys. (5) 14 (1932), 299). The heating of the electro- 
lyte is reduced by employing very small energies, and the current induced in the null 
branch is highly amplified. Solutions of MgS 04 and NaCl were compared at wave-length s 
between 39 m. and 185 m., the results being in good agreement with the theory. For 
details of the very complicated apparatus, see the original paper. 

X B. Brendel, O. Mittelstaedt, and H. Sack, Phys, Z. 30 (1929), 576. 

§ A cell containing liquid corresponds to a resistance W with a capacity C in parallel. 
The real part of the resistance operator is thus W 
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of KCl solutions of slightly different concentrations, and the corre- 
sponding resonance deflexions measured. (The dielectric constant of 
the solutions used, and hence the capacity of the cells, remains effectively 
constant over the small range of concentrations employed.) Simultane- 
ously the low-frequency conductivities of the same solutions are 
measured with a Wheatstone bridge to about 0-2 per cent. In this way 
a curve is obtained connecting the resonance deflexion with the low- 
frequency conductivity. A curve of this kind is shown in Fig. 63. The 



Fig. 61. The method of Sack for determining the Fia. 62. Cell for high-frequency 
high-frequency conductivity. conductivity determinations. 


cell is now filled with another solution, e.g. MgS 04 , the concentration 
being chosen so that the low-frequency conductivity falls in the range 
previously measured. The resonance deflexion and the low-frequency 
conductivity are then measured as before. The result of such a measure- 
ment with MgSO^ is shown by the point G in Fig. 63. It is seen that the 
point does not lie on the original curve for KCl; i.e. the resonance de- 
flexions of the MgS 04 and KCl solutions are different. Hence the two 
solutions have different high-frequency conductivities, although their 
conductivities at low frequencies are the same. A A, the percentage 
difference in the conductivities of solutions which have the same low- 
frequency conductivity, is readily obtained from the curve. Fig. 63 also 
contains one point (O) referring to NaCl, which falls on the curve AA = 0, 
i.e. the high-frequency conductivity of KaCl does not differ from that 
of KCl, in agreement with the theory. Fig. 64 shows the results for 
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MLgS 04 at 20 ° and 25°, AA being plotted against tbe concentration. 
The points at 25° are marked +, and the corresponding theoretical 
curve as a dotted line. At 20 ° the effect is slightly greater; the theoretical 
curve for 18° is shown by the full curve in the figure. The agreement 
between theory and experiment is satisfactory. 

Quite recently Sack and Brendelf have succeeded in confirming the 
theory for CUSO 4 , K 4 Fe(C]Sr) 6 , La(N 03 ) 3 , and the acids HCl and H 2 SO 4 . 
The theory was also confirmed for the shorter wave-length of 16 m. 




0 1 if e s 10 if is ifzo zfiizs 2 i 30 zi Jf js j3 w n m us 

yin motes per Litre 

Fia. 64. Difference between the high-frequency conduc- 
tivities of KCl and MgSO*. 


Gartner has recently studied the dispersion of aqueous solutions of 
MgCrO^, CaCr 04 , Ca 2 Fe(C]Sr)e, and ]Sr(CH 3 ) 4 . 0 H 2 C 6 (N 02)3 and found 
good agreement with the theoretical values. 

The study of weak electrolytes would be of great interest in this 
connexion. 


t H. Sack and B. Brendel, Phys. Z. 31 (1930), 345; B. Brendel, ibid. 32 (1931), 327. 
X It can be predicted that weak electrolytes will not exhibit any effect corresponding 
to the dissociation field effect (see p. 240). Only the ionic atmosphere is of importance in 
determining the dispersion effect. This prediction has recently been confirmed by 
B. G. Whitmore {Phys. Z. 34 (1933), 649). For most of the weak electrolytes investigated, 
the increase in high-frequency conductivity is of the same order of magnitude as that 
calculated by the Debye-Falkenhagen theory for the ions present in the solution. Since, 
3595.7 o. 
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Gartnerf has recently tested the Debye-Falkenhagen theory for non- 
aqueous solutions. For MgS 04 at a concentration of 0*072 N. in methyl 
alcohol, the increase of conductivity relative to KOI was 5*5 per cent, 
with a wave-length of 15*5 m. The concentration is, however, too high 
for the legitimate application of the theory. It is of especial interest 
that Ca 2 Fe(CN)e in Kahlbaum glycerine gives an increase in high-fre- 
quency conductivity five times that for KCl. In spite of the magnitude 
of this effect, it seems probable that it is chiefly due to interionic action. 

Gartner also showed that e.g. for glycerine at high frequencies there 
is anomalous dipole absorption in addition to the normal absorption 
due to the ionic conduction. In Gartner’s experiments this dipole 
absorption was several times as great as the electrolytic conductivity, 
while in some experiments carried out by Whitmore (loc. cit. footnote, 
p. 225) it was several hundred times as great. According to Debye, the 
dipoles take a certain time to become oriented in the direction of the 
electric field. This time of relaxation causes a phase difference between 
the field and the polarization, and hence an absorption of energy. 
Gartner has also pointed out the possibility that in the range of abnormal 
absorption the Stokes viscosity forces acting on the ion may be modified, 
since they involve solvation. This effect would lead to an increased 
conductivity at high frequencies. The effect of temperature on the 
dispersion of conductivity has recently been investigated^ and agrees 
with the theoretical predictions. 

B. Zahri^s method of conductivity measurement.^ 

Zahn and his collaborators measure the conductivity by means of the 
loss due to the oscillatory currents set up when the electrolyte is sub- 
jected to an alternating magnetic field. This loss increases with the con- 
ductivity of the solution. If two electrolytes exhibit the same loss, then 
neglecting any effect due to differences in their dielectric constants, they 
will have the same conductivity at the frequency in question. In 
practice, an untimed circuit was excited by means of an undamped 
sender, and the damping caused by placing the electrolyte at the point 
of maximum magnetic flux was measured. The frequencies used were as 
high as possible, the limit being set by the difficulty of obtaining suffici- 

however, the ionic concentration is not in general known accurately, an accurate calcula- 
tion of the effect is not possible. 

t H. Gartner, Phys, Z. 32 (1931), 919. 

t H. Geest, ibid. 34 (1933), 660. 

§ H. Zahn, Z. Phys. 51 (1928), 350; H. Rieckhofi and Zahn, ibid. 53 (1929), 619; 
Rieckhoff, Diss. Kiel, 1929, Ann. d. Phys. ( 5 ) 2 (1929), 577. 
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ently constant wave-length and intensity at high frequencies. Special 
precautions were taken to ensure constant frequency and intensity, 
especially the latter. The apparatus is shown diagrammatically in Kg. 
65. The exciting circuit induces oscillations in a system of parallel wires 
terminated at one end by a copper loop, and at the other end by a copper 
plate W. The copper plate is fixed, and adjustment to resonance is 
effected by moving the parallel wire system. The solution L being 
investigated is placed inside the loop D,. The solution is contained in 



Fig. 65. Zahn’s method for determining high-frequency conductivities. 


I thin-walled glass cell. It is important that both the quantity of liquid 
ind the position of the cell should be strictly reproducible. The intensity 
>f the oscillations in the parallel wire system was measured by the effect 
)f the cuirent induced in a Wollaston wire, which constituted part of 
me arm of a balanced Wheatstone bridge. The induced current alters 
he resistance of the Wollaston wire, and thus unbalances the bridge, 
he resulting current being measured by a hot-wire mirror galvanometer, 
^t was found that the resonance amplitude depended very httle upon 
v’hether the cell was empty or filled with distilled water, i.e. small 
hanges of dielectric constant will have no measurable effect upon the 
•esonance amplitude. Just as in Sack’s method, only comparative 
neasurements of the high-frequency conductivity could be made, KCl 
Deing again chosen as standard. The method of comparison is exactly 
he same as that used by Sack and described in the preceding paragraph. 

In order to determine the total dispersion effect for a given salt, it is 
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necessary to know the effect for the KCl solution which is found to have 
the same high-frequency conductivity. Table 39 gives the theoretical 
values for KCl; these must be added to the percentage deviations w.r.t. 
KCl in order to obtain the total effect. 

Table 39 


V 

100^ 

Ao 

7 

lOijAw Ao 

Aq 

10-* 

0-22% 

5 X 10"3 

M6% 

2x10-* 

0*34% 

1 X 10-2 

1*25% 

5x10-* 

0-47% 

2 X 10-2 

1-31% 

1 X 10-s 

0-59% 

6 X 10-2 

1-06% 

2x10-* 

0*79% 

1 X 10-1 

0-66% 



Fia. 66. High-frequency conductivity of MgS04 and MnSO^ (Zahn). 


About twenty electrolytes of different valency types were investi- 
gated. The results show in general fair agreement with the Debye- 
Falkenhagen theory of dispersion, and the agreement is in many cases 
excellent. Deviations from the theory are especially prominent for 
solutions containing ions of high valency, which is not surprising, since 
it is just in these cases that the conductivities in stationary fields deviate 
from Onsager’s theory.*)* Fig. 66 shows the results for MgSO^ and 
MnS 04 at a wave-length of about 1 metre. The results for MgS 04 agree 
excellently with the calculated curves, while the points for MnSO^ 
show a tendency to rise again in very concentrated solutions. MnS 04 
is, however, one of the electrolytes for which the specific conductivity 

•j- See p. 198. 
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shows a marked maximum when plotted against the concentration. In 
any case, the theory cannot be expected to be valid for such high con- 
centrations. 

The effect of temperature has also been studied, and it is found that 
the predictions of the theory are in general fulfilled. 

C. Deubner^s method for conductivity measurements at high frequencies 

The methods so far described depend on the measurement of the 
resonance amplitude in an undamped circuit. In Sack’s method the 
electrolyte is in a condenser, while in Zahn’s method it is placed in 
the electromagnetic field of the oscillatory circuit. In both cases the 
determination of the conductivity depends upon the damping effect 
caused by the electrolyte solution. 


£M 


Fig. 67. Deubner’s method for determining high- 
frequency conductivities. 

The above two methods may be termed deflexion methods; Deubner’s 
method, on the other hand, is better described as a null method. Its 
principle is as follows. An ordinary valve transmitter with variable 
reaction (see Fig. 67) contains an electrolyte resistance EW in parallel 
with the condenser C. The capacity of the electrolyte resistance when 
filled with water is about 5 per cent, that oi C, A simple aperiodic re- 
ceiving circuit with a detector and a galvanometer G serves to 
measure (as galvanometer deflexion) the intensity of the oscillations. 
If the reaction is adjusted so that the transmitter is just on the point of 
oscillating, the intensity of the oscillation is very sensitive to small 
changes in the resistance of the electrolyte. Thus by inserting different 
electrolyte solutions it is possible to compare their high-frequency con- 
ductivities very accurately. Since a small relative change in the quantity 
being measured causes a large relative change in the galvanometer 
reading, the method may be legitimately described as a null method. 
In fact the positive damping effect of the electrolyte resistance is 

t A. Deubner, Phya. Z. 30 (1929), 946; Ann. d. Phys. (5) 5 (1930), 306. 
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balanced by the negative damping of the transmitter resistance. In 
order to obtain actual oscillation it is necessary to over-compensate 
slightly, and the resulting small deflexion is measured. To illustrate 
the sensitivity of the method, it may be mentioned that the deflexion 
of the galvanometer changes from 30 to 90 divisions when the con- 
ductivity of the electrolyte changes by 2 per cent. If a number of NaCl 
solutions differing very little from one another are compared in this 
.way, it is found that an approximately straight line is obtained on 
plotting the galvanometer deflexions against the low-frequency con- 
ductivities. If now a MgS 04 solution is taken, the deflexion obtained 
is considerably less than for a NaCl solution having the same low- 
frequency conductivity. The high-frequency conductivity can be 
obtained by interpolation, just as described in the methods of Sack and 
Zahn. The galvanometer deflexions are so accurately reproducible that 
the accuracy of Deubner’s method is about 0-03 per cent., i.e. higher 
than the accuracy of low-frequency conductivity measurement by the 
Kohlrausch bridge method, which is about 0*5 per cent. 

It is, of course, very important that alterations in the dielectric con- 
stant should not affect the results. This is, however, taken care of by 
the properties of the transmitter. By adjusting the main condenser, 
a maximum oscillation intensity can be obtained, and it is found that 
in the neighbourhood of this maximum the variable condenser can be 
turned through several degrees without altering the galvanometer de- 
flexion. The effect of small changes in the dielectric constant can there- 
fore be assumed to be practically negligible. One special advantage of 
Deubner’s method is that the electrolyte can be changed without making 
any alterations in the apparatus. A streaming method was used in 
which the electrolyte being used flows continuously through the cell. 
When another electrolyte is to be used, the first solution is displaced 
by the second, and the cell rinsed out with the second solution until the 
first is entirely removed. This operation takes place without removing 
the electrolyte resistance from the circuit, and is effected by a system of 
distant controls to avoid disturbing the constancy of the oscillations. 

Fig. 68 shows the results for CaS 04 and CUSO 4 , the increase of con- 
ductivity with respect to NaCl being plotted against the low-frequency 
conductivity of the solution. (The latter values can of course be re- 
placed by the concentrations.) The curve represents the theoretical 
values. CuSO^ and CaS 04 give exactly the same curve. The results are 
in essential agreement with the Debye-Falkenhagen theory of the dis- 
persion effect, though small deviations are found. 
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As recognized by Deubner, better temperature regulation is desirable. 
It may be noted that the hydrolysis of CUSO 4 had no effect, since 
the results agree with those for CaS 04 , which is certainly not hydrolysed. 

Deubner has subsequently describedf an interesting method for com- 
paring the high-frequency conductivities of two electrolytes which have 
the same conductivity at low frequencies. The method depends upon 
measuring the heat developed, and has an accuracy of 0*1 per cent. 
The same idea has later been developed by MalschJ and used for the 


[ffQct ^parts per 1000) 



Low •'frecjuency conductivity of CaSO^ solution 


Fig. 68. High-frequency conductivity of CaS 04 and CuSO^ (Deubner). 

absolute determination of high-frequency conductivities. Deubner was 
able to confirm his previous results with MgS 04 , and to measure the 
dependence of the dispersion effect upon the frequency. His results 
are in close agreement with the Debye-Falkenhagen theory. 

D. The method of M. Wien and his collaborators for measuring simultane- 
ously the conductivity and dielectric constant of electrolytes. 

Wien§ employs the barretter method previously described|| but with 
a valve transmitter in place of a spark gap. This method has been 

t A. Deubner, Phys. Z. 33 (1932), 223. t See p. 234. 

§ M. Wien, Phys. Z. 31 (1930), 793; 32 (1931), 183; Ann. d. Phys. (5) 11 (1931), 429. 
11 Seep. 85. 
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specially developed by Neesef in Wien’s laboratory for the simultane- 
ous determination of the conductivity and the dielectric constant. The 
principle of the method is shown in Fig. 69. A high-frequency current 
is induced in two branches of a circuit, one containing the system to 
be measured, and the other for comparison. The equality of the two 
branches can be ascertained by means of a barretter arrangement. The 
liquid resistance is represented schematically in Fig. 69 by the combina- 
tion i?!, c. Ey altering the capacity C 4 , a resonance curve is obtained 
(cf. Fig. 70) the height and position of which serve as a measure of the 
conductivity and the dielectric constant. The maximum deflexion in 


to the Barretter 



Fig. 69. Wien’s method for measuring conduc- 
tivities and dielectric constants at high frequencies. 



the barretter circuit is obtained when the capacity of the circuit is 
balanced by the inductance. The determinations were carried out as 
follows. The electrolyte cell was first filled with NaCl or HCl, and the 
resonance curve obtained. The cell was then filled with a second electro- 
lyte, having the same low-frequency conductivity as the first, and a 
different resonance curve obtained. In order to obtain again a resonance 
curve identical with the first, it was necessary to alter both the con- 
ductivity and capacity of the second solution. The conductivity was 
changed by altering the concentration slightly, and the capacity by a 
condenser in parallel. This condenser consisted of a cell fused directly 
on to the electrolyte cell (cf. Fig. 73), containing alcohol-water mixtures 
of varying compositions. 

By means of this method Wien measured the conductivity and 
dielectric constants of solutions of MgSO^ and Ba 3 (Fe(CN)g )2 at different 
concentrations, using wave-lengths of 10, 20, and 40 metres. The 

t O. Neese, Ann. d. Phys. (5) 8 (1931), 929. 
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results are essentially in agreement with the Debye-Falkenhagen theory. 

Figs. 71 and 72 illustrate the change in conductivity and dielectric con- 



— jll/l/ 'O' 

Fig. 71. High-frequency conductivity of MgSO* (Wien). 



Fig. 72. Dielectric constant of MgS 04 solutions Fig. 73. Cell for high- 

(Wien). frequency measurements. 


stant for MgS 04 . It is seen that the experimental values lie near the 
theoretical curve. f The continuous curve corresponds to the stationary 

t Orthmann (Ann. d. Phys. (6) 9 (1931), 637) also finds at low concentrations an 
increase in dielectric constant corresponding to the theory. M. Jfezewski (Phya. Z. 34 
(1933), 88, 661) using a resonance method obtained results for the dispersion of the 
dielectric constant for HCl, NaCl, KCl, MgS 04 , and CuSO^ which agree with the theory. 

3595.7 
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case. The values obtained for the change in conductivity agree through- 
out with the values obtained in Debye’s laboratory. 


E. The method of Malsch for the absolute determination of high-frequency 
conductivities. 

All the methods so far described are relative in character, i.e. they 
compare the effect produced by 1-1-valent electrolytes with the effect of 
electrolytes of higher valency types. Recently Malschf has devised a 
method for determining the absolute value of the effect, the current 

and the potential being measured 
simultaneously. The cell with the 
platinum electrodes EE (see Fig. 74) 
is converted into a thermometer by 
fusing on a capillary, and is connected 
directly by short leads to the terminals 
of a string galvanometer. The whole 
arrangement is surrounded by an 
earthed metal shield to protect it 
from external disturbances. The rate 
of heat evolution is measured alter- 



nately at high and low frequencies, 
using different potentials. The wave- 
length varied between 28 and 80 
metres. For solutions of AgNOg and 
cmo 1 ^ r7 1 FeClg in CgHgOH, Malsch found an 

' ^ ^ ' effect of the order of magnitude pre- 

frequency conductivity determinations. <iioted by the Debye-Falkenhagen 

theory. The main part of the work 
dealt with the high-frequency heating effect of the solvent itself, which 
constitutes the chief source of error in these measurements. In spite of 
the very small times of relaxation of the dipoles (10”^®~10“^^ sec.), in 
some cases the change in conductivity due to the high-frequency heating 
of the solvent J is several times as great as the Debye-Falkenhagen effect 
in dilute solutions. Malsch found that different dipole liquids behave 
very differently. He distinguishes between two classes; those which 
exhibit large heating effects (e.g. the alcohols), and those with small 


effects (water, glycerine, acetone). The latter group are specially suit- 
able for absolute measurements. 


t J. Malsch, Phys. Z. 33 (1932), 19; Ann. d. Phys. (5) 12 (1932), 865. 
f See P. Debye, Polare Molekeln, p. 88, 1929. 
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F. Comparison of results obtained by different methods. 

Measurements of the dispersion of conductivity have now been carried 
out at wave-lengths of 40 m., 30 m., 20 m., 16 m., 10 m., and below 1 m. 
The agreement of the results obtained by different methods is shown in 
Fig. 74 A, t which shows the percentage dispersion effect for MgS 04 at 
18° at a concentration of 0-001 mole/htre. The curve represents the 
theory of Debye and Falkenhagen, and the points represent the experi- 
mental results of different authors. 



Fig. 74 a. Variation of the dispersion effect with frequency. 

MgSOi, y 0*001. 

45. The Theory of the Wien EffectJ 

As previously described§ the results of Wien’s investigations can be 
represented schematically by Fig. 75, in which the quantity S defined by 


^ A 

g -jS? ■^^E=0 

^E=oo ■^£!=0 

(540) 

is plotted against the field strength U, Writing 



(541) 


(542) 

we have S = 

(543) 


A very important result of Wien’s investigations is that for very high 
fields, the conductivity becomes practically equal to the conductivity 
at infinite dilution, i.e. ^ (544) 

f The figure is taken from a paper by Geest, Phys. Z, 34 (1933), 660. 

X See p. 82 for experimental methods ; also the review by M. Wien, Phys. Z. 34 (1933), 
60. 

§ Seep. 86. 
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rrom(514) = 100- . . . (545) 

The quantities Ajq and An can be calculated theoretically (cf. Table 36), 
but these theoretical values have not yet been confirmed for electrolytes 
of high valence types. We shall therefore in the following employ the 
quantity Ajgj.f varies with ^ in a similar way to 8, but the limiting 
value is not unity but As previously described, Wien has 

obtained as a function of the concentration, valency, dielectric con- 
stant, etc., just as in our treatment of the dispersion effect (p. 211). 
The entire behaviour of the Wien effect can in fact be represented 



qualitatively by replacing the frequency by the field strength,^ Thus 
the curves in Figs. 51-3 retain their general characteristics when applied 
to the Wien effect. 

We shall now consider the theoretical interpretation of the Wien 
effect. According to Joos and Blumentritt§ it is possible to calculate 
theoretically the portion a of the curve in Fig. 7 5. It can also be shown|| 
that for very high fields the conductivity will become equal to the con- 
ductivity at infinite dilution. It should be noted that the field-strength 
must not be too high, since otherwise velocities will be reached for which 
Stokes’s law is no longer obeyed. Oseenff has carried out the necessary 
hydrodynamic calculations, and finds that for a velocity of 1 metre 
per sec. the correction amounts to only 0-1 per cent. In special cases it 
is possible to calculate theoretically the whole course of the curve 
obtained by Wien.^f 

t Ajb is identical with the quantity previously termed AAjj. See p. 86. 

x See H. Ealkenhagen, Phys, Z. 30 (1929), 163 ; 32 (1931), 353 ; also Rieckhoff, Ann, d. 
Phys. (5) 2 (1929), 596. 

§ G. Joos and M. Blumentritt, Phys. Z. 28 (1927), 836; M. Blumentritt, Ann. d. 
Phys. 85 (1928), 812. |1 P. Debye and H. Ealkenhagen, Phys. Z. 29 (1928), 401. 

ft For' an account of Oseen’s calculations and comparison with experiment, see H. 
Falkenhagen, Handhuch d. Experimentalphysik von Wien-Harms, vol. iv, part I, 1931. 

Xt See H. Falkenhagen, Phys. Z. 30 (1929), 163; 32 (1931), 353. 
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W e sli&ll first sliow tfiat on account of the finite time of relaxation of 
the ionic atmospheref the conductivity for high field strengths ap- 
proaches the value at infinite dilution (cf. 6 in Fig. 75), as an 

example KOI. From the relation J 

= eJE (546) 

the velocity ofaK+orCl-ioninafield of 100, OOOvolts/cm.islol = 67-5 

cm./sec. {I = 65, and hence p = 0-236x10-® c.g.s. units). If we take 
the concentration y = 0-0001, then from p. 178 the time of relaxation 
of the ionic atmosphere is 0 = 0-276 X 10-« sec. From (228), the thick- 
ness of the ionic atmosphere is I/k = 3-06 x 10“® cm. Thus during the 
time of relaxation 0 the ion will have travelled 18-6 x 10“® cm., i.e. about 
six times the thickness of the ionic atmosphere. During the time 
necessary for the complete formation of the ionic atmosphere (see p. 178) 
the ion will have travelled about 25 times the thickness of the atmo- 
sphere. Under these conditions, the atmosphere can hardly be formed 
at all. In other words, the conductivity for high field-strengths will 
assume the value it has at infinite dilution, since the forces due to 
relaxation and electrophoresis disappear. While the dispersion effect 
depends on the disappearance of asymmetry in the ionic atmosphere, 
the Wien effect is due to the fact that at high field-strengths the ionic 
atmosphere is not formed at all. But see note on p. 335. 

By applying successive approximations, Joos and Blumentritt have 
employed equations (411) to calculate the initial portion of the cturve 
in Fig. 75.§ The Brownian movement is taken into account just as in 
Onsager’s theory. The calculations are somewhat involved, and we 
shall give here only the results. Writing 

= AA^ = 100AE^{1—BE% (547) 

_ 6 - 61 xlO-®A^|^igal(|%|-Hgal)^g^ , 

^\3A 

(548) 


where q is given by (536). 
t See p. 176. 

:j; The quantity is related to the mobility and the valency Zi of the ion by the 
relation l*64x] 

§ Putting dFijjdt = 0. 
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238 

Further, 

B = l-09xl0-'i 


5-- 0*02232^3+ 0‘Q0335g^— 0- 1 4286gi-5 

— U*zt7^-t-U*U/Oi-u-io<7 — yj-yjzoq'^ 

(549) 

Table 40 shows the values of A and B for a number of electrolytes, 
the theoretical values of Joos and Blumentritt being compared with the 
experimental values of Wien. It will be seen that there is approximate 
agreement between the theoretical and experimental values. Aq is the 
specific conductivity for E = 0. The values of A and B increase rapidly 
as the valencies of the ions increase, and also increase with increasing 
concentration, in agreement with equations (548) and (549). 

Table 40 


Water at 18® 



Ao = 0-0005 

A . 10^1 

Ao = 0*00025 

A . 1011 

Ao = 0-000125 
^.1011 


obs. 

calc. 

obs. 

calc. 

ohs. 

calc. 

MgS 04 

M 2 

1*49 

1*50 

1*96 

2*0 

2*5 

MgCr 04 

1*14 

1*21 

1*55 

1-60 

2*1 

1*8 

KsFeCye 

0*73 

0-44 

1-0 

0-70 

1*4 

0*77 

K^FeCye 

1-07 

0*88 

1-50 

M 7 

2-0 

(0*82) 

Ba3(FeCy6)2 

3*2 

3-9 

4-2 

5-1 

5-4 

5*6 

BaaFeCyg 

4*2 

6-6 

5*5 

10-9 

7-2 

11*6 



B . 

10^1 

B. 

1011 


obs. 

calc. 

obs. 

calc. 

obs. 

calc. 

MgSO* 

1-2 

1*7 

2*8 

2*3 

6-0 

6*0 

MgCrO^ 

1-3 

3 

2*8 

3-6 

6-0 

7*5 

K^FeCyo 

2*0 

M 

4*2 

1*5 

8-7 

3*4 

K^FeCy^ 

2*1 

2*3 

4*5 

2*9 

9*4 

3*8 

Ba3(FeCy3)2 

1-7 

2-1 

3*8 

4*5 

9*2 

7*5 

BagFeCyB 

2*2 

3*2 

5*0 

3-9 

12 

(6*9) 


Becent work of Bauerf on acetone solutions shows that the effect of 
the dielectric constant is also predicted at least qualitatively by the 
theory. As in aqueous solutions, the first part of the curve (see a, 
Fig. 75) can be expressed by equation (547), but the values of A and B 
are respectively greater and smaller than in aqueous solution, as pre- 
dicted by the theory. Fig, 76 shows the effect AAj^ as a function of the 
field E for KI and LiBr at different concentrations. J Specially interest- 

t F. Bauer, Ann. d. Phys. (5) 6 (1930), 253. 

X In the case of LiBr and the 1-2 -valent salts, complications arise owing to the so-called 
dissociation field effect. Cf. the following paragraph. 
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ing from a theoretical point of view are the results of Bauer on the varia- 
tion of the effect with the duration of the discharge. He found that the 
curve relating AA^ to E became steeper as the duration of the discharge 
increased. This result follows quahtatively from Debye’s theory ; in fact it 
is possiblef by making the same approximations as on p. 237 to calculate 
the dependence of the Wien effect upon the frequency over the whole range 
of field-strength. The results agree qualitatively with Bauer’s curve. 



The existence of a finite time of relaxation thus provides an explana- 
tion of the Wien effect. In principle it should also provide a method 
for eliminating the interaction of the ions due to the Coulomb forces, 
and thus enable a study of the true degree of dissociation. { It would be 
of the greatest interest to develop such investigations and to compare 
the values obtained for the degree of dissociation with e.g. the values 
of ]Srernst,§ obtained by combining Debye’s theory with Arrhenius’s 
classical theory. 

A very important phenomenon, known as the dissociation field effect, 

t H. Falkenhagen, Phys. Z. 32 (1931), 353. It should be noted that according to Wien, 
the results of Bauer are unreliable, especially with regard to the effect of the duration 
of the discharge. A more accurate method has since been developed by Wien and 
Schiele, cf. footnote p. 240. % See also p. 312. § See p. 289. 
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has been recently discovered by Wien and his collaborators. f The 
nature of this effect is best understood by reference to Figs. 77 and 78. 
Fig. 77 shows that with strong acids the field effect is small and agrees 
with the theory. The heavy line in Fig. 77 represents the effect for sul- 






phuric acid relative to hydrochloric acid. It was found that the field 
effect with fields of 100,000 to 200,000 volts/cm. increased to about 1 per 
cent., and was approximately the same for the various l~2-valent acids. 

Weak acids and salts behave quite differently, the effects observed 
being five to ten times as great as for strong acids. Fig. 78 shows the 
field effect for acetic, propionic, and tartaric acids, relative to HCl. The 
effect is much too great to be attributed to the ionic atmosphere. There 
must be an entirely new type of action, causing an increased degree of 

t M. Wien and J. Schiele, Phys. Z. 32 (1931), 545. 
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ionization of weak acids and salts in strong fields. According to Wien 
and Schiele, other acids, e.g. monochloracetic, dichloracetic, and amino- 
acetic acids also exhibit very marked field effects, presumably due to an 
increase in the number of ions. The saturation effect, observed specially 
in the case of aminoacetic acid, indicates that the strong field has 
caused a decrease in the number of molecules. As the field increases 
still more, dissociation should finally become complete, and in this way 
it should be possible to measure the true degree of dissociation. In the 
case of aminoacetic acid, the fimiting effect is about 2 per cent., while 
at the dilution in question the degree of dissociation is 93 per cent., 
which should give rise to a limiting effect of 7 per cent. In Wien’s 
opinion, the very rapid recombination of the ions to form molecules 
prevents complete dissociation. It is a very interesting question whether 
the velocity of this recombination bears any relation to the time of 
relaxation ‘of the ionic atmosphere. It should'’be possible to decide this 
by measurements of the time effect in the dissociation field effect. 
According to unpublished calculations by Onsager (private communica- 
tion to the author) the time of recombination of the ions should be of 
the same order of magnitude as the time of relaxation. In the author’s 
opinion, however, other factors, probably of a quantum-mechanical 
nature, will be of importance in many cases. 

It is also of interest that polybasic acids exhibit the dissociation field 
effect for the different stages of their dissociation. 

As regards the problem of separating the ionic atmosphere effect 
from the dissociation field effect, this is probably impossible, since both 
effects are operative simultaneously. The effect due to the ionic atmo- 
sphere is predominant for comparatively weak fields, but is largely 
displaced by the dissociation field effect for stronger fields. f The dis- 
persion effect is of course due solely to the ionic atmosphere. 

The dissociation field effect has recently been treated theoretically 
by Onsager. J The mutual approach and separation of an ion pair is 
treated in terms of the Brownian movement. In the absence of an 
electric field, diffusion can take place to an unlimited extent. If, how- 
ever, a field is present, the ions are separated to a certain distance by 
the field, this distance being determined by the fact that the electrical 
energy must be of the order of magnitude kT. The mass-law equilibrium 
will be modified by the external field. The calculations are based on 

t The author’s thanks are due to Herr Wien for these considerations. 

% Thanks are due to Herr Onsager for placing an unpublished manuscript at the 
author’s disposal, and also for many private communications. 
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equations (396) and (397). and 51]^ are replaced by the values in 
(399), i.e. the ionic atmosphere is neglected, and only the Coulomb 
potential taken into account. Making the abbreviations 



the differential equation can be put into the form 

divgrad/ = grad/grad 2^o 


In this equation, the quantity / is the distribution function, previously 
denoted by By introducing the correct boundary conditions 

it is possible to obtain a unique solution of this equation. The result 
of Onsager ’s calculation is that the dissociation constant K increases with 
increasing field-strength, since the recombination of the ions takes place 
independently of the field in a time of the same order of magnitude as the 
time of relaxation. The ratio of the dissociation constant K(E) at field- 
strength B to the dissociation constant at zero field-strength is given by 


K(E) __ +W(-j8ogo)} 

^(0) 2lV(-j8o^o) ’ 

where is the Bessel function of the first order with a purely imaginary 
argument. On developing the above expression as a series, we obtain 


K{E) 

K{0) 


= l+2^o3o4 


(4^0 gp)^ 
2!3! 


(^^ogp)^ 

3!4! 


(649 a) 


The dissociation constant should thus be a linear function of the field 
for not too strong fields, and the same should apply to the change in 
conductivity. The parabolic course of AA^ per cent, at small field- 
strengths shown in Fig. 78 would probably be obtained by a refinement 
of Onsager’s theory. The approximation involved in equation (549 a) is 
that for very weak electrolytes the characteristic thickness of the ionic 
atmosphere l/Jc is very much greater than qQ, i.e. JcqQ 1 and hence 
crii 1. A variation of the dissociation field effect with the concen- 
tration would only be obtained by assuming a finite value for k. It 
would appear that both the nature and the order of magnitude of the 
effect agree with the experiments of Wien (loc. cit.) and of Gyemant-f 


t Gyemant, Wiss. Verojf, Siemens-Konzern^ 7 (1928), vol. 1. p. 134. 

Note. — For further experimental work on the dissociation field-effect, see p. 335. 



X 


THE MODERN THEORY OE THE VISCOSITY OF STRONG 
ELECTROLYTES 

46. Historical 

Poise triLLE,! tke great pioneer of experimental work on the wiscosity 
of liquids, was the first to show that the viscosity of salt solutions was 
in some cases greater and in other cases less than the viscosity of the 
pure solvent. Sprung^ found that the viscosity of barium chloride solu- 
tions is greater than that of pure water. Arxhenius§ carried out some 
viscosity determinations and proposed the relation 

^ = Ar, (650) 

Vo 

where is a constant for a given salt and a given temperature, rj is the 
viscosity, and y the concentration. Equation (550) was later tested by 
Reyher,|l Wagner, ff and other workers, who found that between |N. 
and I N. it reproduces the results to within a few parts per thousand, 
and up to 1 N. to within 1 per cent. Sutherland^ J suggested that the 
depolymerization of the water molecules by the ions brought about a 
decrease in the viscosity. Gruneisen§§ has made a very careful and 
critical study of the viscosity of 16 salts in water over a wide range of 
concentration embracing much more dilute solutions than those pre- 
viously studied. He found that in very dilute solutions Tj/r]^ is not pro- 
portional to y, but that the function {rjjrjQ— l)/y plotted against y bends 
upwards at low concentrations. If 97 / 7^0 were proportional to y, then 
l)/y should retain a constant value right down to zero concentra- 
tion. Fig. 79 shows the actual course of the curves in different cases. 
Curves A, B, and F refer respectively to magnesium sulphate, lithium 
iodate, and potassium iodide, all from Gruneisen’s measurements at 18°. 
Curve D represents the results of Applebey for lithium nitrate at 18°, 
and curves 0 and E measurements of Merton on caesium nitrate at 
0 ° and 25°. Curve G refers to recent results of Jones and Dole for 
barium chloride at 25°. These results appear to show that {vlVo~~‘^)ly 
decreases rapidly with increasing concentration in very dilute solutions, 

t J. L. M. Poiseuille, Ann. chim. phys. (3) 21 (184:7), 76. 

J A. Sprung, Ann. d. Phys. 159 (1876), 1. 

§ Sv. Arrhenius, Z. phys. Chem. 1 (1887), 285. 

11 R. Key her, ibid. 2 (1888), 744:. ff J. Wagner, ibid. 5 (1890), 31. 

tt W. Sutherland, PhU. Mag. (5) 50 (1900), 481. 

§§ Gruneisen, Abh. Phys.-Tech. Reichsanst. 4 (1905), 151, 237; 
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passes through a minimum, and then increases slowly. Gruneisen 
attempted to represent these curves by the equation 

77/970—I = Aay+B(l~-cx)y+Cy^, (551) 

where a is the degree of dissociation and A, B, and C constants for 
a given salt and a given temperature. He was able to reproduce 
the experimental results fairly well by equation (551), though it was 
sometimes necessary to give A and B negative values. Gruneisen’s 



Fig. 79. The viscosity of aqueous solutions. 

equation is, however, not of any practical service for interpolating or 
explaining the experimental results; the degree of dissociation a is itself 
a function of the concentration, and for very dilute solutions, since 
a ~ 1, Tj— ijo again becomes a linear function of the concentration, in 
contradiction to the experimental results. Schneider f has investigated 
a large number of other salts and found curves resembling those in 
Kg. 79, with a convex curvature at low concentrations. He made, 
however, no advance in the interpretation of this phenomenon. The 
theory of ApplebeyJ gives no satisfactory explanation of the facts, since 
he assumes that the friction with the water is greater for the ions than 
for the undissociated molecules, which can hardly be the case, since the 
viscosity depends upon the volume of the particle. 

■f Schneider, Diss. Rostock, 1910. 
t N. P. Applebey, J. Chem. Soc. 97 (1910), 2000. 
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WOBK OB' JONES AND DOLE 
47, The Work of Jones and Dole 
Jones and Dolef have quite recently investigated the viscosities of very 
dilute salt solutions in the hope of obtaining results vrhich might be 
treated by the modem theory of electrolytes.J Jones and Dole found 
that their own results, as well as those of Grimeisen and Applebey could 
be represented by a simple relation. Introducing <f> = the relative 
fluidity, the equation of Jones and Dole is 


or, for the viscosity itself at low concentrations. 


(552) 


^ = ^^{l+AVy+(A2-5)y+...}. (553) 

The value of A is zero for non-electrolytes, and positive for all strong 
electrolytes. B can he either positive or negative, but is negative for 
most salts; e.g. for BaClg, A = 0*0201, B — —0*2009. 


48. The Theoretical Limiting Law for the Viscosity of Strong 
Electrolytes, and its Experimental Confirmation 
This theory, which will be treated quite shortly here, was suggested 
by the results of Jones and Dole, and developed by Falkenhagen.§ 

The irreversible processes involved in the viscosity of strong electro- 
lytes can be treated from the point of view of the ionic atmosphere. Thus 
if we assume that there is a linear decrease of velocity in the electrolyte, 
so that the ions in different layers are moving with different velocities, 
it is clear that the original symmetrical charge distribution in the ionic 
atmosphere will be deformed. This appears in more detail by considering 
Fig. 80. The central ion is taken as positive, and the charge in the ionic 
atmosphere is originally negative. We wish to investigate the changes 
in the charge density in the atmosphere caused by a velocity gradient 
parallel to the 2 :-axis. The arrows show the velocities of different parts 
of the ionic atmosphere relative to the central ion, the direction of 

t G. Jones and M. Dole, J. Am. Ghem. Soc. 51 (1929), 2950. 

$ This has since been done ; cf. § 48. 

§ H. Falkenhagen and M. Dole, Fhys. Z. 30 (1929), 611; Z. phys. Chem. 6 B (1929), 
159; H. Falkenhagen, Phys. Z. 32 (1931), 365; 32 (1931), 745; Falkenhagen and E. L. 
Vernon, ibid. 33 (1931), 140 ; PUL Mag. (7) 14 (1932), 537. The theory has recently been 
extended by Onsager and Fuoss {J. Phys. Ghem. 36 (1932), 2688) to the case of a solution 
containing any number of electrolytes. There are, however, no experimental data on this 
point, and we shall therefore not deal with their treatment. 

In this connexion it would be interesting to investigate theoretically and experinientally 
the effect of an electric field upon the viscosity. Cf. L. Ebert, Handb. d. ExperimentaU 
physik, loc. cit., p. 220. 
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motion being parallel to the aj-axis. It is clear that e.g. in the upper 
right-hand quadrant there will be an additional negative charge density, 
since the negative charges are coming from a portion of the atmosphere 
which originally had a greater charge density, and on account of the 

finite time of relaxation there will 
be an excess of negative ions. In 
the same way we can determine 
the charge distribution in the 
three other quadrants. As shown 
in Fig. 80, two quadrants have an 
additional positive charge density, 
and two a negative. The addi- 
tional charge density in the at- 
mosphere surrounding the central 
ion is proportional to a spherical 
function 8 of the second order. 
Introducing polar coordinates, 

X = in 0 sin (^, z = rcosd, (554) 

the additional charge density round the ion If which we shall term 
Oi is given by = S(0,4)Ii(r), (555) 

where 8 = — 3sin0cos^cos<^. (556) 

In the special case of a simple electrolyte with ions of equal mobilities, 
the radial function M is given by 





(557) 


where r is the distance from the central ion, b the velocity gradient, and 
u' the mobility of the ion. The thickness of the ionic atmosphere l//c is 
in this special case given by (227) as 


cm. 


(558) 


1 ^ 2-81xlO -^VZ>oT\^^ 

K '^y . , 

The value of u' in c.g.s. units is related to I the mobility in rec. ohms 
per sq. cm. by the equation 

I 


u = 


15-4e2 


10® c.g.s. units. 


(559) 


The form of the radial function is shown in Fig. 81 ; it depends of course 
on the properties of the particular electrolyte solution considered, i.e. 
the concentration, etc. If we take a plane perpendicular to the velocity 

t In this special case 112, additional charge density round the ion 2, is equal to 11 1 - 
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gradient, it will be seen from Fig. 80 that on account of the lines of force 
of the additional charge density, the layers above the plane will exert 
a force upon the central ion parallel to the positive ir-axis. Similarly, 
the layers below this plane will exert an equal force parallel to the nega- 
tive ir-axis. The total force has the character of a tensor. It is now 
required to calculate the total shearing force transmitted through one 
square centimetre at right angles to the velocity gradient, taking also 
into account the distortion of the ionic atmospheres of the negative 
ions. This force is proportional to the velocity gradient, and the pro- 
portionality factor is the amount added to the coefficient of viscosity 
on account of the interionic forces. If is the viscosity of an electrolyte 


-Ttr 



of concentration y (expressed in moles per litre) and 7]q is the viscosity 
of the pure solvent, we arrive at the relation 

Vy = Voi^+^^y)' 

The value of A was first calculated theoretically for the special case of 
a binary electrolyte with ions of equal mobilityf and the calculations 
were subsequently extended to embrace the case of any simple electro- 
lyte.J The distribution of the additional charge density is again quali- 
tatively just the same as in Fig. 80, and the charge density is again 
proportional to the spherical fimction of the second order given in 
(556). The radial function has a form similar to that shown in Fig. 81, 
but is now represented by a much more complicated function than (557 ). 
Further, the additional charge density round the ion 1 is no longer equal 
to the corresponding additional charge density round the ion 2, as was 
the case in the particular case treated above. The viscosity still follows 

t See Falkenhagen and Dole, loc. cit. 

% See Falkenhagen and Vernon, loe. cit. 
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the simple law expressed by (560), but the coefficient A is now a very 
complicated function of the valency type of the salt and the mobilities 
of the ions. 

The theoretical expression obtained for A is 


. 1-45 / v,z. \i 


X 



4^1/2 J 1 f/T u 1 17 4_ 12! 17 U| 

1^2 n 

*) 



(561) 


For the special case of binary electrolytes with ions of equal mobility, 


i.e. Izil = |Z 2 = k 


-I, 

A 


expression simplifies to 
51-2x10-2^2 


These theoretical expressions have received experimental confirma- 
tion for 1-1-valent salts by the work of Joy and Wolfendenf and later 
by the measurements of Jones and Talley, J who used a photoelectric 
method of timing accurate to 0*01 sec. Table 41 contains the experi- 
mental and theoretical values of A, 

Table 41 


Electrolyte 

Type 

Observer 

f C. 

-^obs 

■^calo 

LiNOj 

1-1 

Gruneisen and Applebey 

18° 

0-0082 

0-0069 

RbNOa 

1-1 

Joy and Wolfenden 

18° 

. 0-0050 

0-0049 

LiNOa 

1-1 

Gruneisen 

18° 

0-0108 

0-0094 

KI 

1-1 


. , 


0-0048 

KCl 

1-1 

Joy and Wolfenden 

18° 

0-0052 

0-0049 

HCl 

1-1 


, . 


0-0020 

HNO3 

1-1 

Joy and Wolfenden 

18° 

0-0023 

0-0021 

KCIO3 

1-1 

>> >> 

18° 

0-0050 

0-0052 

KBrOa 

1-1 

Jones and Talley 

25° 

0-0058 

0-0058 

KNO3 

1-1 

99 99 

25° 

0-0051 

0-0052 

C8NO3 

1-1 

99 99 

25° 

0-0043 

0-0051 

BaCla 

1-2 

Jones and Dole 

25° 

0-020 

0-015 

MgS04 

2-2 

Cox and Wolfenden 

18° 

0-0048 

0-022 

LaCls 

1-3 

»» >> 

18° 

0-0215 

0-032 

K4Fe(CN)e 

1-4 


•• 


0-039 


The effect of the ionic mobility appears clearly in Table 41, e.g. by 
comparing the coefficients for KCl and HCl. The effect of the valency 
type is also apparent. The values for LaCl^ and MgS 04 taken from 
recent work of Cox and Wolfenden.§ In the case of MgS 04 there is a 

t W. E. Joy and J. H. Wolfenden, Proc. Eoy. Soc. 134 A (1931), 413. 

$ G. Jones and S. K. Talley, J. Am. Chem. Soc. 55 (1933), 624. 

§ W. M. Cox and J. H. Wolfenden, Proc. Hoy. Soc. (1934). 
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large discrepancy between the theoretical and experimental values; 
this corresponds to the discrepancies found for the conductivities of 
2-2-valent salts; cf. p. 197. Cox and WoKenden have also carried out 
some measurements in non-aqueous solvents, and find that for tetra- 
ethylammonium picrate in nitrobenzene and sodium iodide in ethyl 
alcohol the predictions of the theory are verified. 

All the above investigations show that in sufficiently dilute solutions 
the viscosity effect is positive, i.e. the viscosity of the solution is greater 
than that of the pure solvent. The negative viscosity effect which sets 
in at higher concentrations must be due to other causes, e.g. the de- 
polymerization of the solvent molecules by the ions. Tinkelsteinf has 
calculated the effect of the relaxation of the dipole molecules of the 
solvent upon the viscosity and finds a positive effect which should vary 
linearly with the concentration. While the writer is not convinced of 
the quantitative vaHdity of Finkelstein’s theory, investigations in this 
direction will obviously be of great importance in elucidating the 
structure of electrolyte solutions. 

In order to represent their results over a greater concentration range, 

Jones and Dole (loc. cit.) introduced a linear term into equation (560), 

and wrote _ 

Vy 

While it is not yet possible to calculate B with certainty from theoretical 
considerations, a study of the deviations from the simple equation (560) 
is of great interest in connexion with the state of electrolytes in solution. J 

It may be noted that the effect of the ionic atmosphere upon the 
viscosity is very small according to (560), so that the previously men- 
tioned theory of Sutherland§ fails completely. 

t B. N. Finkelstein, Phys. Z. 31 (1930), 130, 165. 

% See W. M. Cox and J. H. Wolfenden, loc. cit. 

§ See p. 94. 
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XI 

MORE CONCENTRATED SOLUTIONS 

49. Introductory Remarks 

The formulae derived theoretically in the preceding chapters are valid 
only for very dilute- electrolyte solutions. In the present state of the 
theory the various effects involved can only be predicted quantitatively 
for dilute solutions. Deviations from the theoretical limiting laws set 
in at quite low concentrations, e.g. about y = 0-005 for 1-1-valent salts 
in water. Although no rigid theory of more concentrated solutions has 
hitherto been developed, we shall describe briefly here some of the 
attempts to extend the theory to embrace more concentrated solutions. 
Such attempts have been made by Debye and Hiickel, Htickel, H. 
Muller, Gronwall, La Mer, and Sandved, Bjerrum, Nernst, Onsager, 
Davies, Bronsted,t and Scatchard.J While the first six authors do not 
employ the law of mass action, Bjerrum attempts to show that it can 
be applied, even though undissociated molecules (in the classical sense) 
do not exist. Nernst, Onsager, and Davies combine formally the 
theories of Arrhenius and Debye. Before the advent of the electrostatic 
theory of electrolyijes, Bronsted had developed the interesting empirical 
theory of the specific interaction of ions. 

We are still a long way from a strict theory of more concentrated 
solutions, and the above theories will therefore be treated only briefly 
in this chapter, 

50, The Theory of Debye and Hiickel and its Applications 

We shall once more consider the characteristic length 1 / k , which at a 
concentration of 0* 1 mole per litre is only about ten times the dimen- 

t P. Debye and E. Hiickel, Ph^s. Z. 24 (1923), 185. E. Hiickel, ibid. 26 (1925), 93. 
H. Muller, ibid. 28 (1927), 324. T. H. Gronwall, K. La Mer, and Sandved, ibid. 28 (1928), 
358. N. Bjerrum, Dansk. Vid. Selsk. Medd. 7 (1926), No. 9. W. Nernst, Z. EUktrochem. 
33 (1927), 428, Bert Akad. Ber. 2 (1928), 4:,Z.phys. Ghem. 135 (1928), 237. W. Orthmann, 
Ergeb. d. exakt, Naturw. 6 (1927), 155. W, Nernst and W- Orthmann, Z. phys. Ghem. 
135 (1928), 199. Naud6, Z. EUktrochem. 33 (1927), 532, Z. phys. Ghem. 135 (1928), 209. 
L. Onsager, Phys. Z. 28 (1927), 277, Ghem. Rev. August, 1933. C. W. Davies, The Gon- 
ductivity oj Solutions, 1930, Trans. Farad. Soc. 23 (1927), 351, 25 (1929), 129, 133, 
26 (1930), 592, 27 (1931), 621, J. Ghem. Soc. 149 (1930), 2410, 2421. J. N. Bronsted, 
J. Am. Chem. Soc. 44 (1922), 877, 45 (1923), 2898. 

t G. Scatchard, Phys. Z. 33 (1932), 22; Chem. Rev. August, 1933. Wo shall not deal 
with this theory here. Scatchard derives expressions to take into account the mutual 
potential energy of two ions, an ion and a neutral molecule, and two neutral molecules. 
The equations obtained are, however, only qualitative, and are too complex for practical 
use for interpolation. Moreover, there appear to be some theoretical objections to 
Scatchard’ s theory. 
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sions of a molecule.t At concentrations of this magnitude it is obviously 
not permissible to replace an ion of finite dimensions by a point charge, 
as we have done for more dilute solutions. If we are to retain our 
previous treatment on the basis of Poisson’s equation, there is no point 
in introducing a detailed picture of the way in which two ions approach 
one another. Debye and HtickelJ therefore pictured the ion as being a 
sphere of fixed radius with a dielectric constant D in its interior. In 
the case of a 1-1-valent electrolyte (which we shall consider first), a 
charge of +e or — e is situated at the centre of the sphere. We introduce 
a quantity a, which is not identical with the radius of the ions, but 
represents the mean distance to which the surrounding positive and 
negative ions can approach. For positive and negative ions of identical 
dimensions, we should expect a to be of the order of magnitude of an 
ionic diameter.§ We have previously deduced the expression (207) for 
the potential round a given ion.|| The constant A in this expression 
must now be determined afresh. On the assumptions just formulated, 
the potential at a point distant r from the centre inside the ionic sphere 

can be written ^ i 

T = (563) 

since it is a well-known theorem in electrostatics that the potential 
inside a uniformly charged sphere is constant. In order to determine 
the constants A and B, we employ the boundary conditions at the 
smface of the sphere. Since we have assumed that the dielectric con- 
stant is the same inside and outside the sphere, there is no charge on the 
surface, and the boundary conditions are that both T and (P¥ jdr shall 
be continuous across the surface of the sphere. This gives 




D{\+Ka) 




t C£. p. 105. t Loc. cit., p. 250. 

§ We shall show later (p. 255) how far this expectation is fulfilled by the experimental 
facts. 

11 In place of Dq we shall introduce D, the dielectric constant of the solution, so that in 
this chapter signifies equation (217) with D in place of Dq. The value of (217) with Dq 
will be termed The distinction is without practical significance, since the dielectric 
constant which determines the interaction of the ions in solution is certainly not to bo 
identified with the macroscopic dielectric constant of the solution. Moreover, it is only 
for quite concentrated solutions (several moles per litre) that the dielectric constant of 
the solution differs appreciably from that of the pure solvent (cf . HuckeVs theory, p. 272). 
There is therefore no point in emphasizing the difference between k and kq for the con- 
centrations which we shall deal with in this chapter. 

It has been shown by Debye and Pauling {J. Am. Chem. Soc. 47 (1925), 2129) that the 
limiting law is not affected by the assumption that the dielectric constant in the neigh- 
bourhood of the ion is not the same as that of the solvent. 
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B represents the potential ^ produced by the ionic atmosphere at the 
centre of the ionic sphere, as may be seen by reference to (563). The 
potential energy of a positive ion due to its surroundings is given by 


A comparison with (235) shows that taking into account the finite size 
of the ion introduces the factor l/{l-\-Ka), For small concentrations^ 
K is by (227) small compared to unity, and the energy approximates to 
the value given in (235) for infinitely small ions. For higher concentra- 
tions, i.e. larger values of /c, u approaches the value i.e. the 

characteristic length I/k gives way to the quantity a in determining the 
energy. In the same way as on p. 110, it can be shown that the total 
electrical energy of the ionic atmospheres is given by 


fJe- 




2D \1+Kai + 1+Kaj’ 
where a-^ and are the characteristic diameters for the positive and 
negative ions respectively. 

In the general case, where we have ions of different 

species and charges the total electrical energy of the 

electrolyte solution is given by 


2 


N.zl 


We can now derive the free energy of a 1-1 -valent electrolyte from 
the potential at the point occupied by the central ion, Just as was 
done on p. 112. Following Debye, we consider the system central ion 
+ ionic atmosphere as a kind of galvanic element which can be dis- 
charged infinitely slowly, isothermally, and reversibly. The maximum 
work obtained in this discharging process is then obviously equal to the 
difference between the thermodynamic potentials of the real solution 
and the ideal solution. Let the charge on the central ion at any moment 
of the discharging process have fallen from e to Ae. From (564) and (217) 
the potential at the same moment will have fallen from TJ, to 
The differential work obtained in decreasing the charge Ae by d{Xe) is 
therefore ^ Yj, dX. 

Since A varies from 1 to 0 during the process of discharging, the total 
work obtained from one central ion and its atmosphere is 

r XU ^2 r 
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This result can easily he generalized. If one c.e. of the solution con- 
tains Ui ions of the sort i and charge z^e, the total electrical work A' is 
given byt 


A' = 


J 


X^dX 

1 '-{~XkC^ 


kTV^ r X^dX 


47r / 1+A/ca’ 


(568) 


The diameter of the various ions has been replaced here by a mean 
diameter a. J On integrating (568) we obtain 

47r 


[l-laK+liaKf 

From (244), (253), and (257), 

, 1 dA' 

PdV’ 

where g is the osmotic coefficient. Then from (569), 

aK 


i-g = 

or as a series, 


47ra® 
1-^ 




(aK)‘ 


2(l+a/c) 


(1— |a/c-f-|(a/c)®-f...}. 


(569) 


(570) 


(571) 


(572) 


24cTr^np 

The activity coefficients may be calculated as follows. As we have 
seen, the term to be added to the free energy of the solution is 
plus A", the work of charging the ions against their own potential. 
From p. 114 ^ zUm, ^zU^N, 




2Doh 


The thermodynamic potential of the real solution is thus 

■ zf ly) y:' zf e^Nf 


<0 




2Dob,- 


(574) 


If we now vary the number of molecules, keeping the pressure and 
temperature constant, 


t A' corresponds to W in equation (247) for very dilute solutions. 

I For the case of diflEerent values of a, see G. Scatchard, Phys. Z. 33 (1932), 22. 
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80 for ideal solutions is known from (265). If we assume that the 
dielectric constant is independent of concentration, 80 for the real 
solution is given by 

§(1) = 2 {^i+*7"log(T}i/f)} (576) 

i 

where theft's are activity coefficients. f Combining this with (575), 


log/) 


* 


1 dA' 
kTdNi 


(677) 


or 


log/f = 


WkT{l+Ka)' 


(578) 


Combining (578) and (224), the logarithm of the activity coefficient in 
water at 20° is given by 


logioA* = 


2|.0-505VJ 

1+0-327 


(579) 


Introducing the ionic concentration (88), 

0-354z?Vr 


logioA* = 


1+0-232 xlOWr' 


(580) 


For 1-1-valent electrolytes this becomes 


logic/* = 


0*505Vy 

l-hO-327xlOW7‘ 


(581) 


Applications. 

We shall first apply the theory to some of the chlorides and nitrates 
of the alkali metals. Fig. 82 shows the experimental curves for l—gr 
plotted against V(2y). The theoretical Debye-Hiickel limiting straight 
line is also drawn, and the dotted line represents the theory of Ghosh. J 
It will be seen that individual curves of this kind can be well represented 
by equation (571), the value of a being fixed from a few measurements 
at higher concentrations. It has been shown, especially by Scharer,§ 
that up to several tenths of a mole per litre very many solubihty 
measurements can be fitted by the above equation using suitable 
values for the ionic diameters. The curves in Fig. 83 were calculated 
from equations (571), using the following values of a, which were cal- 
culated from the points corresponding to the highest concentration. 


f For concentrated solutions it is necessary to distinguish between the rational 
activity coejEEcients /f and the practical activity coefficients /i and//. (See p. 53.) The 
difference is negligible up to 0*1 N., but amounts to a few per cent, at 1 N. (See e.g. 
E. Hiickel, Phys. Z. 26 (1925), 124. 
f Cf. p. 95. 

§ O. Scharer, Phys, Z. 25 (1924), 145. 
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NaCl 

a == 

4-02 

X 

10" 

-8 

cm. 

KCi 

a = 

3*76 

X 

10" 

-8 

cm. 


a == 

2*69 

X 

10“ 

-8 

cm. 

La(N 03)3 

a = 

4-97 

X 

10" 

-8 

cm. 

MgSO, 

a == 

3-35 

X 

10- 

-8 

cm. 


The distance between two neighbouring ions in the crystal lattice is 
e.g. 3-14 X 10-^ cm. for KCl and 2*82 x 10"® cm. for NaCl. The agree- 





Fia-. 84. Effect of ionic diameter on the activity coefficient. 


ment for KCl is as good as could be expected, and the large a-value 
found for NaCl is probably due to hydration. 

The results of some more recent measurements of 1— -p for 1-1-valent 
electrolytes are shown in Fig. 21. Taking into consideration the great 
experimental difficulties in carrying out cryoscopic measurements in 
very dilute solutions, the agreement with equation (571) for concentra- 
tions above about 0*0 IN. may be considered satisfactory. The experi- 
mental results are on the whole well represented by the curves, and the 
ionic diameters obtained are of the expected order of magnitude. 

For the electrolytes so far considered, the effect of the finite ionic radius 
results according to (580) in a decrease in the activity coefficient. Fig. 84 
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illustrates this point; is plotted against V/, taking various 

values for the ionic diameter. 

In other cases, the values obtained for a are not at all of the expected 
magnitude. Thus the activity coefficients of the alkali nitrates and 
iodates are so small that the ionic diameters derived from the Dehye- 
Hiickel equations are impossibly small or even negative.f Table 42 
gives the values of Lewis and Randall for —logio/ at 25° for KNO 3 . The 
fifth column contains the values calculated from (581) with 

a = 0*43xl0“8. 

Ror K.IO3 and NalOg it is necessary to take practically zero values of 
a. It is thus seen that the Debye-Hiickel theory appears to break down 
completely for small ionic radii. As we shall show later, this is due to 
the tendency of small ions to associate, the activity coefficient being 
considerably lowered by the formation of ion-pairs. The association 
effect is thus in the opposite direction to the radius effect. 


Table 42J 


m 

Lewis and 
Randall 

Corrected hy 
Bjerrum 

Bjerrum* s 
theory 

Dehye-Huchel 

theory 

0-01 

0-038 

0-048 

0-047 

0*048 

0-02 

0-056 

0-066 

0*068 

0-067 

0*05 

0-094 

0-104 

0-105 

0*105 

0-1 

0-136 

0-146 

0-145 

1 

0*147 


51, Theories of Ionic Association (Bjerrum, Miiller, Gronwall, 
La Mer, and Sandved) 

In order to explain the difficulties met with above, several theories have 
recently been developed based upon the idea of association of the ions. 
While Bjerrum introduces association as an additional h 5 rpothesis, 
Muller, Gronwall, La Mer, and Sandved have succeeded in developing 
a theory on the basis of the original Debye theory, thus rendering super- 
fluous Bjerrum ’s hypothesis. We shall now treat these theories 
separately. 

t See p. 269. 

J It should be mentioned that Bjerrum has corrected the values of Lewis and Randall 
so that they agree with the freezing-point determinations of Adams. As previously 
stated (p. 64), it is possible that all the values of — logio/ obtained experimentally by 
Lewis and Randall are in error by a constant amount. While the differences between the 
values obtained are quite reliable, the extrapolation from 0*01 N. to infinite dilution was 
carried out on the basis of equation (184) without sufficient experimental confirmation. 
By adding 0*01 to all the values of Lewis and Randall, Bjerrum obtained values which 
agree excellently with the theoretical values calculated from either Bjerrum’ s theory or 
the Debye -Hiickel theory. (Cf . Table 42.) At the concentrations dealt with here, / may 
be identified with /*, and m with y. 

3595.7 1 
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A. Bjerrum's theory. Formation of ion triplets {Bjerrum, Fuoss, Kram). 

Debye’s original considerations, which depend upon the integration 
of the differential equation (216) in T, can only be approximately 
correct, since in place of a strict statistical treatment they employ 
Poisson’s equation (199) and assume mean values. Strictly speaking 
it is necessary to take into account all the possible configurations and 
energies of the ions in solution in order to calculate the additional 
free energy term. Milner *{* was the first to attempt such a calculation, 
using a not very accurate graphical method of calculation. Milner 
himself considers that the treatment of Debye and Hiickel is leas open 
to criticism than his own. J 

Recently Kramers§ has attempted an investigation of the limits of 
validity of the Debye theory, using strict statistical mechanics. Kramers 
finds that the additional free energy term at sufficiently low concentra- 
tions is independent of the ionic radius, and approaches a limiting 
function identical with that of Debye and Hiickel. According to 
Kramers it appears that this state of statistical distribution (indepen- 
dent of the ionic radius) is realized below a certain limiting concentra- 
tion. For KCl in water at 15"^ this maximum concentration is about 
0*03 N., while salts of higher valency types give much smaller values. 
At higher concentrations the distribution of the ions becomes dependent 
upon their radii, on account of the great tendency of oppositely charged 
ions to associate. The method employed by Debye and Hiickel for 
introducing a correction term involving the ionic sizes is inadmissible 
according to Kramers, since it considers the atmosphere of free ions 
and neglects the effect of association. Kramers has not, however, 
carried out any exact treatment for solutions of higher concentrations.il 

An earlier improvement upon the calculations of Debye and Hiickel 
is due to Bjerrum,‘j‘t whose theory of ionic association is supported by 
the statistical considerations of Kramers, Many experimental results 
at higher concentrations can be more satisfactorily accounted for by 
Bjerrum’s theory than by the second approximation of Debye and 
Hiickel. 

t R. Milner, Phil. Mag. 23 (1912), 551. 

t Cf. the discussion between Scatchard {Phil. Mag. 2 (1926), 577) and Nonhebel and 
Hartley (ibid. 2 (1926), 586) as to whether the results of measurements by the latter 
authors agree better with the Milner theory or the Debye -Hiickel theory. 

§ H. A. Kramers, Proc. Amsterdam^ 30, 145, 197. See Chapter XI. 

II Such a treatment would be of great value in connexion with the theory of Gronwall, 
La Mer, and Sandved (cf. p. 270). 

tt N. Bjerrum, D. Kgl. Dansk. Vid. Selsk. Medd. 7 (1926), No. 9. See also Erg&b. d. 
exakt, Naturwiss. 6 (1926), 125. 
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Debye and Hiickel chose an arbitrary value for the ionic radius so as 
to give the best possible agreement between theory and experiment. 
ThiSj as we have seen, led to the difficulty that very small or negative 
radii had to be assumed for some salts. Bjerrum’s theory has the 
advantage that the radii assumed are always possible, though sometimes 
small. Bjerrum first calls attention to the following point, which is of 
importance at higher concentrations. Debye and Hiickel make the 
assumptiont ^ 

gr < 1- (582) 

This assumption, which also occurs in the statistical treatment of 
FowlerJ makes it possible to integrate the differential equation (216). 
The higher the valencies of the ions, the lower the dielectric constant, 
and the smaller the mean distance between the ions, the less are we 
justified in assuming (582). This assumption becomes particularly 
inadmissible in the case of small ions, which can approach one another 
very closely. Bjerrum calls two ions which are very close together 
‘associated’, and treats the problem quantitatively as follows. If r has 
such a value that the effect of other ions can be neglected, then for suffi- 
ciently low concentrations the number of i ions in a spherical shell of 
radius r and thickness dr is given by 

H = % dr, (583) 

the j ion being at the centre of the sphere. In this equation, % is the 
number of i ions per c.c., — U is the energy required to separate the 
two ions, and is the Boltzmann factor which determines to what 

extent the configuration in question is favomed by the electrical forces. 
Bjerrum now assumes that the solvent is a continuous medium of 
dielectric constant Dq and that the mutual potential energy of the two 
ions is determined by Coulomb’s law, i.e. 

— U= (584) 

jD^r 

where and Zj are the valencies of the ions. This assumption implies 
that the ions are spheres with the charge situated centrally, and that 
the solvent may be treated as a continuous medium of dielectric con- 
stant Dq, Bjerrum himself has pointed out that it is certainly inaccurate 
to assume the validity of Coulomb’s law down to such small interionic 
distances. The potential energy at such small distances must also 
largely depend upon quantum-mechanical exchange forces, as well as 
polarization and dispersion forces, which are known to follow quite 
t See p. 102. % See p. 332. 
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different laws. A more exact statistical treatment of electrolyte solu- 
tions is only possible on the basis of a more detailed knowledge of these 
laws. 

Fig. 85 illustrates the relative probability of ion-pairs with different 
interionic distances calculated by Bjerrum for monovalent ions in 
water at 18°. Curve I shows the distribution for uncharged particles, 
i.e. C7 = 0. Curve III shows the frequency of ionic pairs formed from 
ions of like charges, i.e. — ?7 is negative (see (584)). These pairs are of 
course considerably less frequent than those formed from uncharged 



Era. 85, The distribution of ion-pairs (Bjerrum). 


particles. Curve II is the most important: it shows that the number of 
ion pairs formed from oppositely charged ions (— >0) first decreases 
with decreasing distance r, passes through a minimum, and then in- 
creases again rapidly, becoming infinite for r = 0. Bjerrum points out 
that a more exact quantum -mechanical treatment would probably lead 
to a curve similar to that in Fig. 85, so that the following deductions 
should be qualitatively correct, though there may be quantitative 
differences. This supposition is supported by the success of Bjerrum’s 
treatment, which can of course be tested by calculation. If we call the 
interionic distance corresponding to the minimum in the curve qQ, then 
a simple calculation gives'j* 




€^Z,‘Z. 




2D^kT 


(585) 


From (584) the work of separating two oppositely charged ions at a 
distance is 2hT, i.e. the energy necessary to dissociate the ion-pair 
is four times as great as the mean kinetic energy per degree of freedom. 

t By putting dHjdr = 0. 
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For smaller values of r this energy increases very rapidly. In water at 
18° the minimum for monovalent ions is at = 3*52 A. Large ions 
such as and Cl", for which the sum of the ionic radii is greater than 
3*5 A., will thus have but little tendency to associate. For such ions, 
the method of treatment employed by Debye and Hiickel will be ap- 
proximately correct. On the other hand, for ions which are smaller or 
have a higher ionic charge, the interionic forces will lead to a consider- 
able association even in water, and in non-aqueous solvents of lower 
dielectric constant, association to groups of two or more ions will be 
very considerable. Bjerrum now arbitrarily terms as associated all ion- 
pairs which are closer than the minimum distance in (585), all other 
ions being termed free. This distinction between free and associated 
ions is made quite arbitrarily, since in the association due to interionic 
forces there is no discontinuity such as is often met with in chemical 
processes. Thus in the thermal dissociation of hydrogen iodide, the 
degree of dissociation can be stated accurately, since transitional states 
between dissociated and undissociated molecules are not present in 
appreciable concentrations. In the case of free and associated ions as 
defined by Bjerrum, such transition states occur in finite though small 
amounts. The smallest amounts correspond to the minimum in the 
probability curve III in Fig. 85. According to Bjerrum, there can be 
100 per cent, ionization without 100 per cent, dissociation, and the ions 
associate together without any appreciable deformation of their electron 
orbits,! and without the formation of any more permanent chemical 
linkage. 

If the true degree of association 1— a* is known, the activity coeffi- 
cient of the solution is determined solely by the free ions which may not 
approach one another more closely than the distance qg. As long as 
this distance is very small, l~a* can be obtained by integrating (583) 
from qg up to the sum of the ionic radii. For 1-1 -valent electrolytes 
this gives 

1 — a* 1 000' J * (586) 


or, introducing the abbreviations 


rD^kT’ 


b = 


aDgkT 


b 

Q[b) = J dy, 

2 


t Fajans is of the opinion that this assumption is incorrect. Recent work on the 
absorption of light by the alkaline earth halides provides strong evidence for the 
formation of Bjerrum ion pairs. There are, however, undoubtedly cases in which a more 
permanent chemical linking plays a part. 
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(588) 


where a is the sum of the ionic radii. In order to be able to carry out the 
calculations for greater degrees of association, Bjerrum proceeds as 
follows. 

It is thermodynamically permissible to apply the law of mass action 
to the equilibrium between free and associated ions provided that the 
appropriate activities of the ions are introduced correctly. If and 
are the activities of the free ions and activity of the product of 

association, then by (133) ^ i 

(589) 

The concentration of the association product is y(l— a*), and that of 
the free ions ya*. The associated ion pairs can be considered as neutral 
molecules, and their activity coefficients taken as unity, so that 


^^12 = (590) 

For the activity coefficients (/) of the free ions we shall employ the 
formulae of Debye and Hiickel, taking the concentration as and 
the ionic diameter as q^. If the centres of two oppositely charged ions 
approach to a distance less than they are no longer to be considered 
as free ions, and the effects of their charges upon the free ions cancel 
out. It is assumed that the Debye-Hiickel equations are applicable 
taking the ionic diameter as q^. We thus have 

«! = ^2 = ya*(/). (591) 

Then from (589), (590), and (591), 


(592) 


(l---^)y _ 

For sufficiently small values of 1— a* and y (592) reduces to 

1-a* = yjK,. (593) 

In order to calculate K^, Bjerrum proceeds as follows. Substituting in 
(592) the value of obtained from (588), we have 


a*2 


L 


Q{b). 


(594) 


\,mo\D^kTj 

Since (/) is a fairly complicated function of l—a*, (594) cannot be solved 
explicitly, but the value of 1— may be obtained by a few successive 
approximations. 

Table 43 gives some values calculated by Bjerrum for the degree of 
association of univalent ions in water at IS^.f 

t e.g. for 0-1 N. KNO3 the degree of association is about 10 per cent., since from 
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Table 43 

Values for the degree of association of univalent ions in water at 18° G. 

(Bjerrum) 


Concentration in moles per litre 


ionic radii 

0-0001 

0-0005 

0-001 

0-005 

0-01 

0-05 

0-1 

0-5 

1 

2-82 A. 

. . 


. . 

0-002 

0-005 

0-017 

0-029 

0-090 

0-138 

2-35 A. 



0-001 

0-004 

0-008 

0-028 

0-048 

0-140 

0-206 

1-76 A. 



0-001 

0-007 

0-012 

0-046 

0-072 

0-204 

0-286 

1-01 A. 


0-002 

0-004 

0-016 

0-030 

0-105 

0-163 

0-360 

0-457 

0-70 A. 

0-001 j 

■ 0-006 j 

0-011 

0-048 

0-083 

0-240 

0-336 

0-568 

0-651 

0-47 A. 

0-027 

0-106 

0-177 

0-418 

0-529 

0-741 

0-804 

0-901 

0i928 


If 1— a* and (/) are known, the activity coefficient of the electrolyte 
considered as completely dissociated is given by 

/ = (/)«*. (595) 

In the calculation described above, higher types of association have been 
neglected, which is permissible for fairly dilute solutions. Comparison 
with experiment shows excellent agreement up to a few tenths of a 
mole per litre. It is especially noteworthy that in Bjerrum’s theory the 
ionic radii are always positive and have much more probable values 
than those obtained in the theories of Debye and Hiickel or Hiickel 
(cf. Talble 44). Bjerrum supposes that at higher concentrations, and 
especially in solvents of lower dielectric constants, association com- 
plexes containing more than two ions are formed. In this case the 
methods of calculation described above will fail. Bjerrum’s ideas are 
in excellent qualitative agreement with the measurements of Walden.f 
It has been recently shown by Fuoss and Kraus J that in solvents of 
low dielectric constant, salts are very much associated and the 
dependence of the conductivity upon the concentration shows pecu- 
liarities (observed also in water at very high concentrations). Thus, 
for a S3rmmetrical electrolyte, while the ion pairs formed contribute 
nothing to the conductivity, higher xmsymmetrical association products 
will be charged and hence conduct current. Thus if the transformation 
of ionic pairs to higher association products involves the production of 
conducting aggregates, this will account for the rise of equivalent con- 
ductivity with increasing concentration often observed at high con- 

Table 42 the sum of the ionic radii is 1*57 A- It is of interest to compare this value with 
the cop.siderably smaller value obtained by Nemst (cf. p. 289). 

t P. Walden, Z.phys. Chem. 94 (1920), 295; Z. Elektrochem. 26 (1920), 61 ; Kolloid Z. 
27 (1920), 97. See also p. 79. 

X Fuoss and Kraus, J. Am. Chem. Soc. 55 (1933), 2387. 
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centrations. Gross and Halpemf have shown that the behaviour of 
salts in solvents of low dielectric constant is accounted for at least 
qualitatively by Debye’s theory. 

This formation of ion-triplets has recently been treated in detail by 
Fuoss and Kraus.J As an example we may consider the case of the con- 
ductivity of tetraisoamylammonium nitrate in mixtures of dioxane and 
water. On examining the curves given by these authors, it will be 
noted that when the dielectric constant becomes about 10, the curve 


u 
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\\ 


^ o 

o 

\ 
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0.00 0.01 0.02 0.03 0.04 


Tig. 85 a. Conductivity and ionization curves for totraisoamyl- 
ammonium nitrate in dioxane containing 1*26 per cent, water. 

exhibits a new behaviour at moderate concentrations: the molar con- 
ductivity passes through a minimum and subsequently increases with 
increasing concentration. This conductivity minimum was observed 
long ago by Walden, but as it usually occurs at concentrations of 
0*01 N. or higher, it has usually been considered as a property of con- 
centrated solutions. Kraus and Fuoss have, however, shown that, as 
the dielectric constant decreases, the minimum is displaced to lower 
concentrations, and can very well appear at concentrations which are 
usually considered as dilute. § 

The question now arises as to how this phenomenon is to be explained. 

t P. Gross and O. Halpem, Phys. Z, 26 (1925), 636. 

X Fuoss and Kraus, J. Am. Chem. Soc. 55 (1933), 2387. 

§ The limiting equivalent conductivity of the salt in question is about 30. It is seen 
from the curve that in a mixture containing 0*6 per cent, of water (D 2*38) the ionic 
concentration corresponding to the minimum is extremely small. 
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The solution contains a few free ions, but a comparatively large number 
of ion-pairs. The latter are electrically neutral, but are dipoles, and 
hence possess an external field. We may therefore anticipate an inter- 
action between the ions and the dipoles, leading to the formation of 
ion triplets according to one of the equations 

( + -)+(+) ^(+- + ) 


If we assume for the sake of simplicity that the equilibrium constants 
of both these reactions are equal to ibg, then the formation of ion triplets 
assumed by Fuoss and Kraus leads to a conductivity function which 
agrees with the experimental data (cf. Fig. 85 a). Let the total con- 
centration be y, the fraction of free ions be a*, and the fraction of ion 
triplets af . We may then write the following approximate mass-law 

[+][-] 


equations 


[+-] 

[+-][-] 

[-+-] 


K C::! ya*^ 


IC<3 


OC^ 


l.e. — 


i.e. 




the activity coefficients being for the present put all equal to unity. 
The molar conductivity A is then given by 


A = od^Aoo+asAgoj = Aoo-K^y 


A300W 


Ay-^+ByK (595 a) 


neglecting the interionic forces. In this equation is the hmiting 

equivalent conductivity of (-^ h) or ( 1 ), and A^, that of (H ). 

The necessary condition for a minimum is 

A -^yminJ 


which gives for the quantities and K 

7 — A300 

^ “ Ao (595 b) 

K = (yA2)^iJ4A'i. 

For solvents of dielectric constant less than about 3, the interionic 
forces must be taken into account both in the conductivity and the 
mass-law expressions. This treatment leads to the conductivity function 

= AyV(y) 


Ay^exp 


■ 0*4343 \Ac 






A^^Ki 


A^Ki+tlS^ 


JCo 




(595 c) 


3595.7 


Mm 
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where jS" is Debye’s constant 

€2 / SrrN^^ U 

^ 2Z»o ( 1 ,OOOZ)7";fcT) 
and a" is Onsagei'’s constant 

„ __ 8*18X105A,^ 82 

(DoT)^ 

Equation (595 c) can be tested by means of the data shown in Fig. 85 a, 
by plotting Ay^g(y) against {1 — (A/Aoo)}y. Fuoss and Kraus have shown 



Fig. 85 b. The conductivity of tetraisoamylammonium 
salts in benzene. 


that a straight line is obtained, from which they conclude that the 
assumption of ion triplets leads to a conductivity function in agreement 
with the experimental data. Fig. 85 a shows the molar conductivity, 
A (curve III), the fraction of the solute present as ions, a* (curve I), and 
the fraction present as ion triplets, a* (curve II), all plotted against the 
square root of the molar concentration y. The equilibrium constant 
feg for the formation of ion triplets has the value = 8x10"^. The 
circles represent the observed points, and curve III is calculated from 
equation (595 c). On the other side of the minimum, the experimental 
conductivities increase more rapidly than proportional to y^: this is 
probably due to the formation of higher complexes, which would intro- 
duce higher terms into the conductivity function. To illustrate this 
point further, Fig. 85 b shows the conductivity curves for various 
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tetraisoamylammonium salts dissolved in benzene. In the case of the 
nitrate and the picrate, terms in and y^ must be introduced in order 
to represent the experimental results. For specially symmetrical salts it 
is necessary to introduce both negative terms in even powers of y^ and 
positive terms in odd powers of y^. If the salt is unsymmetrical with 
respect to the charge or size of its ions, the minimum appears less or not 
at all. In solvents of low dielectric constant, the conductivity function 
can in general be expressed as a power series of the form 

A = a_iy“*- 

By applying Bjerrum’s considerations on ion association to the forma- 
tion of ion triplets*]* it is possible to treat theoretically the dependence of 
the conductivity minimum upon the dielectric constant, and thus to 
obtain a theoretical basis for Walden’s rule = const. yn->iTi> It is in 
fact found that for dielectric constants greater than 23-2, the ion triplets 
are no longer stable to the thermal motion, and the conductivity mini- 
mum no longer appears. 

We shall return in the next section to a comparison of Bjerrum’s 
theory with experiment. 

B. The relation of Bjerrum’s theory to the theories both of Muller, and 

Gronwall, La Mer, and Sandved, 

While Bjerrum avoids the integration of equation (202) by invoking 
the law of mass action, MiillerJ has solved the unabbreviated form of 
equation (202) by graphical means and Gronwall, La Mer, and Sandved§ 
have developed an analytical method for carrying out the same integra- 
tion. In this way they have succeeded in obtaining the complete expres- 
sion for the mean value of the total potential of an ion in solution for 
ions of any dimensions. It is of interest that this work renders super- 
fluous the hypothesis of association introduced by Bjerrum. Muller 
showed that the critical ionic diameter, above which the Debye-Hiickel 
approximation is valid, is 1-76A. for 1-1-valent electrolytes, while 
Bjerrum obtained the value 3*52 A. for this limit. However, the work 
of Muller (and also that of Kramers) provided a justification of the 
method of approximation used by Bjerrum, especially as Bjerrum 
was able to show that the results are not much dependent upon the 
exact value taken for the interionic distance which separates free and 

■\ See Fuoss and Kraus, loc. cit., p. 2398. 

X H. Muller, Phys. Z. 28 (1927), 324. 

§ Gronwall, La Mer, and Sandved, Phys, Z. 28 (1928), 358; La Mer, Gronwall, and 
Greiff, J. Phys. Chem. 35 (1931), 2245. 
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associated ions.f Fig. 86 shows — logio/ as a function of Vy according 
to the theories of Debye and Hiiokel (dotted curves) and of Bjerruiu.J 
The figure refers to 1-1-valent electrolytes in water at 18°. The curves 
obtained by Muller (not shown in the figure) lie a little lower than those 
of Bjerrum. For ionic diameters above 3-5 A., all three theories are in 
good agreement. For smaller diameters differences appear: the curves 
of Bjerrum and Muller become much higher than the Debye limiting 
straight line, and give activity coefficients which decrease rapidly with 





Fiq. 86. The effect of the ionic diameter on the activity 
coefficients (Bjerrum). 


decreasing ionic radius. The effect of ionic association is always to 
decrease the activity coefficients, while the radius effect acts in the 
opposite direction. According to Bjerrum, all the curves become 
tangential to the Debye limiting straight line at the origin, but this 

t Muller used a graphical method, and derived the activity coefficients by moans of the 
G-untelberg principle (see N. Bjerrum, Z. phys. Chem. 119 (1926), 145.) This principle 
states that the work of discharging one ion is equal to the electrostatic part of the thermo- 
dynamic potential of that ion. Gronwall, La Mer, and Sandved have employed Debye’s 
charging process (see p. 113), and were of the opinion that the method used by Muller 
would give widely different results. Muller has, however, shown that the difference 
between the two methods is practically negligible. (See Miiller, Fhys. Z. 29 (1928), 78.) 
It has been recently shown by Onsager {Chem. Rev., August 1933) in a critical examina- 
tion of the problem tliat both methods of treatment are correct, and that the discrepancy 
lies in the application of tlio Poisson -Boltzmann equation, which is not strictly correct, 
especially for unsymmetrical electrolytes. 

X It is interesting to compare Fig. 86 with the corresponding curves obtained from 
the theory of Gronwall, La Mer, and Sandved (Fig. 88). The curves of the latter authors 
resemble very much those of Bjerrum. 
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occurs at lower concentrations the more the ionic radius deviates above 
or (more especially) below a certain value. 

By means of simple transformations the theories of Bjerrum and 
Muller can be applied to the general case of 2 :-S'Valent (and also un- 
' symmetrical) electrolytes. f The minimum in the association curve and 
the limit of validity will be times as high as for 1-1-valent electrolytes, 
so that association has a much greater effect for polyvalent ions. We 
shall show shortly that the theory of Gronwall, La Mer, and Sandved 
gives for this limiting value 


^min 


4-16x10-4 


zj cm. 


(696) 


It will thus be seen that the dielectric constant has a great effect 
upon this critical distance. Bjerrum has carried out a thorough com- 
parison of his theory with experimental results. Just as in the theory 
of Debye and Hiickel there is only one arbitrary constant, the ionic 
diameter a. The great advantage of the theories both of Bjerrum and of 
Gronwall, La Mer, and Sandved is that they give much more prob- 
able values for the ionic diameters than the theory of Debye and 
Hiickel. For large ionic diameters, all three theories give substantially 
the same values. For the alkali nitrates and nitrates, however, 
very different results are obtained. Table 44 shows the values of 
the ionic diameters necessary to reproduce the experimental activity 
coefficients according to the three theories. 


Table 44 


Ionic diameters in A., calculated from activity coefficients by Bjerrum; 
Debye and Hiickel; Oronwall, La Mer, and Sandved 








MgSO^ 



KIO 3 





CdSO^ 


JElectrolyte 

NalOa 

KNO3 

KCl 

NaCl 

K2SO4 

CUSO4 

La(N 03)3 

Bjerrum 

1-33 

1*57 

3*40 

4-02 

3*8 

4-2 

6*4 

Debye-Hiickel 

0-03 

0*43 

3-40 

4*02 

2-69 

3-0 

4*97 

Gronwall-La Mer-l 
Sandved j 

1*25 

1*40 

3-40 

4*02 

3*6 

3-7 

•• 


See N. Bjerrura, Kgl. Dansh Vid. Selsk. 7 (1926), 9, 32. Bjerrum showed that thfe 
activity coefficients are approximately the same for all electrolytes having the same 
values of 


, IfiJ + W 


\OoT) 


and 


- T, 


It would be of interest to compare this point with experiment, and also with the theory 
of Gronwall, La Mer, and Sandved. It seems probable that the latter theory will in 
general give results at variance with Bjemim’s theory. 
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The theories of Bjerrum and of Gronwall, La Mer, and Sandved give 
for NalOg and KNO 3 ionic diameters of 1*3 and 1*5 A. respectively, 
which still seem rather small. The reason for this has not been further 
investigated. A comparison with the experimental results for MgSO^, 
CdSO^, and CUSO 4 shows that for large diameters the agreement is 
better than with the Debye-Hiickel theory. The table also shows that 
for unsymmetrical electrolytes, e.g. KgSO^ and La(N 03 ) 3 , the theories of 
Bjerrum and of Gronwall, La Mer, and Sandved lead to greater ionic 
diameters than the theory of Debye and HiickeL 


C. The theory of Oronwall, La Mer, and Sandved. 

{a) General Theory. Gronwall, La Mer, and Sandved succeeded in 
obtaining a mathematical series for the potential and free energy of 
more concentrated solutions, and hence also for the osmotic coefficient 
and the logarithm of the activity coefficient. They started with the 
differential equation resulting from (199) and (215), first obtained by 
Debye, i.e. 


AY 


i ^ 

/v»2 


_ 

dr[ dr ) ~ 


4c7r 

u 


n 


417 

‘D 


(597) 


Developing the electric density 11 as a series, we have 


n 


s 

NT 




'/cT Z. 


yn^zf+ 


^31^2 « 

1 


(598) 


Since the solution is electrically neutral, = 0 : further, for any 

mixture of symmetrical electrolytes it will be seen that all terms in 
(598) involving odd powers of z.^ will vanish. In this case (598) reduces 
to the simple series 

€Z I r 


n = — 2 rij€jZjBmh. 


kT 


(599) 


For symmetrical electrolytes, however, the valencies 

of the cations are not equal to those of the anions, as e.g. in some 
solubility measurements previously referred to,t then we may have 
either 2 > Oor <0. The deviations from Debye’s theory observed 

in these cases are probably due to this fact. The solution of the differ- 
ential equation (597) must satisfy the following conditions, 

Y = 0 for r CO 

^=-^1 for r^a,. (600) 

dr D af 


t See p. 134. Cf., however, tlie critical discussion of L. Onsager, Che/n. Rev., August 
1933. 
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The subsequent calculations consist merely of replacing (597) by a 
single integral equationf with the boundary conditions (600). The 
solution of this equation may be obtained in the form of a series. Just 
as in the treatment of Debye previously described,]: in order to calculate 
the free energy, we need the potential at the ion i. Introducing the 
abbreviation 

Xi = Ka^ (601) 

it is found that the potential at the point is given by the equation 

hT ^ ! ^22. \m 

m=l ' ^ ' 

where the are functions which can be evaluated by means of 
recurrence formulae. By means of the charging process previously 
described, the electrical part of the free energy can be calculated, 
giving ^ 1 

1 

The functions are derived from (602) by replacing e by Ac. Com- 
bining (602) and (603), 


F 

^ e 

kT 


i=i w^=l ' 0 j-i ^ ^ 


c^ 

kT' 


(604) 


The activity coefficient of an ion of the ith sort is given by (577) as 


If the solution contains M moles of a salt, 

= NMvi 

and the activity coefficient of the salt is given by 
K+Va)log/ = • 


(606) 


(607) 


(6) Symmetrical electrolytes. For a symmetrical electrolyte 


(2l = 


z, vi = va 


1 ) 


t See Courant -Hilbert, Methoden d. ?nathematischen Physik^ 2nd edition, 302, 1931. 
$ Seep. 111. 
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making the assumption = cr, (604) and (605) givef 

^ ( eh yf)D\, ^ ^ 


[§51 


log/ 2 2^ \DlcTa, 

m==0 ' ' 

— |2m-10-3(2m+l)7^^j ^^3 J dx 

0 

where by (601) 




2kTD,a^ 


X == Ka. 


(608) 


The quantity IQ-^ydY/dM is for dilute solutions negligible compared to 
unity and the integer 2m. It is also permissible (at least for concentra- 
tions below 0*01 N.) to write 

._y^dD 

Ddy 

Introducing these simplifications into (608), we obtain 


log/^ 




\2m+l 




2m 




X 

I 


P^irn 


2kTDQa 


(609) 


Above 0*01 N. the term which roprewonts the variation of the dielectric 

V (jy 

constant with concentration, is probably not negligible. The experimental 
evidence on this point is fragmentary and contradictory, but it would be of 
interest to investigate this point in the theory of Gronwall, La Mer, and Sandved 
with reference to the recent rnoasurements of Wien (loc. cit., p. 226). An attempt 
to take into account the variation of dielectric constant with concentration has 
also been made by Hiickel (Phys. Z. 26 (1925), 93). The correction for variation 
in dielectric constant occurs in Huckers theory in a less general form than in 
(608), but the problem which lio has attacked is a very important one. While 
most of the effects dealt with in this chapter result in a decrease in the activity 
coefficient (only the radius effect causes an increase), Hiickel seeks to explain the 
increase in activity coefficient which is often met with at high concentrations, 
values greater than unity being often obtained. This must duo to some large 
effect which in concentrated solutions quite outweighs the (effects dealt with in 
this chapter. In an attempt to elucidates the factors wfiich ar<i most important 
in concentrated solutions, Hiickel entirely nc*glccts all effects except the variation 
of dielectric constant. (A detailed treatment taking all effects into account 


t Miss Greiff has pointed out (private communication from Professor La Mor) that 
there are minor errors in equations (34) and (34 a) of the Gronwall-La Mcr-Sandved paper. 
In equation (34), fdM) should bo replaced by w— 1 — lO~^tny{dV IdM), 

and in equation (34 a), 2m—l()~^Y{dVldM) should bo replaced by 
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appears hopeless.) Hiickel assumes a linear relation between the dielectric con- 
stant and the concentration, and on this basis attempts to accoimt for the activity 
coefficients up to very high concentrations (IN.). Huckel’s formulae reproduce 
the experimental results surprisingly well, though it is doubtful whether they can 
be considered as more than convenient empirical formulae for interpolation. 
Huckel’s theory is also able to account for the behaviour of mixtures, provided 
that no complicating ions such as SOl” and OH- are present. See especially H. S. 
Harned and G. Akerlof, Phys. Z. 27 (1926), 411 ; J. E. Hawkins, J. Am, Chem, Soc, 
54 (1932), 4481 ; also G. Scatchard, J. Am, Chem. Soc. 47 (1925), 2098 ; E. Giintel- 
berg, Z, phys. Chem, 123 (1926), 199; W. W. Lucasse, J. Am. Chem. Soc. 48 
(1926), 626; Z. phys. Chem. 121 (1926), 254; H. S. Hamed, J. Am. Chem. Soc 
48 (1926), 326; H. S. Harned and S. M. Douglas, ibid, 48 (1926), 3095. Later 
measurements by M. Randall and 0. T. Langford (J. Am. Chem. Soc. 49 (1927), 
1445) differ considerably from Akerlof ’s results for H 2 SO 4 and NaaSO^, so that 
the constants employed by Hiickel need revision. See further G. B. Bonino, 
Atti d. Soc. Ligustica d. Sci. e. Lett. d. Genova, Ease. Ill, p. 1 , 1926 ; A. W. Hutchi- 
son and G. C. Chandlee, J. Am. Chem. Soc. 53 (1931), 2881 ; G. Akerlof, ibid. 52 
(1930), 2353 ; H. S. Harned and O. E. Schupp, ibid. 52 (1930), 3886 ; J. J. Johnston 
and C. Grove, ibid. 53 (1931), 3976; H. S. Harned and C. M. Mason, ibid. 54 
(1932), 1439 ; H. S. Hamed and L. F. Nims, ibid. 54 (1932), 423. The last paper 
shows especially plainly that the constants of Hiickel’ s theory vary considerably 
with the temperature. B. Saxton and R. P. Smith (ibid. 55 (1933), 2626) have 
applied Hiickel’s theory to KCl solutions at 100°. H. S. Harned and R. W, Ehlers 
(ibid. 55 (1933), 2179) have combined Huckel’s theory with that of Gronwall, 
La Mer, and Sandved, and are thus able to account excellently for the activity 
coefficients of HCl from 0-4 M. over a temperature range of 0-60°. The values 
deduced for the specific heats by the Gibbs-Hehnholtz equation (cf. p. 123) agree 
well with the experimental results of Rossini. In many cases, e.g. HCl and LiCl, 
the constants in Hiickel’s equation would lead to a negative dielectric constant 
at very high concentrations, which is of course absurd. Again, Hiickel’ s theory can 
hardly be reconciled with Bronsted’s principle of specific interaction (see E. Giin- 
telberg, Z. phys. Chem. 125 (1926), 245). The measurements of Wien mentioned 
above, and also recent work by Malsch (Ann. d. Phys. 84 (1927), 841 ; (2) 3 (1929), 
803; Phys. Z. 29 (1928), 770; 30 (1929), 837) on the effect of the electric fields 
upon dielectric constants, appear to be in opposition to Hiickel’ s theory, although 
the matter needs further elucidation. The effect of the dielectric constant will 
be greater in non-aqueous solvents, but the above considerations have yet to 
be tested in this case. It should be specially noted that the dielectric constant 
which governs the interionic forces is not to be identified with the macroscopic 
dielectric constant of the solution. We shall not deal further with Hiickel’ s 
theory here. (For details, see W. Orthmann, Ergeh. d. exakt. Naturwiss. 6 (1927), 
155.) 

Bjerrum (Z. anorg. u. allg. Chem. 109 (1920), 275) considers that hydration 
involves a chemical combination between the ions and the water, and hence a 
decrease in the content of free water. This should increase the mole fraction of the 
ions, and hence their activity coefficient, the predicted effect depending linearly 
upon the concentration. Bjerrum employs, however, the incorrect cube root law 
for the activity coefficient of the unhydrated ions. Hiickel has used the correct 
limiting law, and has shown that the hydration effect acts in the same direction 

3S95.7 -NT n 
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as the dielectric constant effect, but is much too small to explain the observed 
increase of activity coefficients. (See E. Hiickel, loc. cit., and W. Schottky, 
Thermodynamik, p. 435, Berlin 1929.) It may be hoped that a method recently 
described by Debye (see p. 170) will give valuable information about hydration. 
Hydration appears optically as a displacement of the water bands towards longer 
wave-lengths, caused by the effect of the fields of the ions upon the vibrating 
water molecules (see especially the accurate work of R. Suhrmann and P, Breyer, 
Z.phys. Chem. 20 B (1933), 17). 


We also have for a binary eleetroljdjef 


4^2m — 4^2m+l — !?•") 


( 610 ) 


If we also write 


X 

3"2m+l(a;) = J (611) 


we obtain the foEowing expression, 


log/ = 


2^2 


€^Z 


2DQkTa l+x 


^ \2m+l 

' (612) 


Gronwall, La Mer, and Sandved have tabulated the values of the func- 
tions .y 2771+1 ^ 7 n+i various values of cc up to m == 2 . Fig. 88 shows 

the behaviour of — a;/(l+:r), and 4 X 5 — 45 ^. For water at 

25"^, insertion of numerical values gives 


-l<^gio/== 1*53636 


X 

10 ®a 1+x 


- 0- 15382^j|y 103{JX3(rc)-2r3(x)}- 
0-OnO^^~-Jmmx)-4:Y,{x)} (613) 


o; = 10'8/c lO^a, 10-8/c = 0-32832V7. (614) 

Fig. 88 shows *— log^o/ as a function of x for different values of a, the 
solvent being water at 25°. In this figure it is of special interest to note 
that for small ionic diameters the curve for — log^o/ lies above the Debye 
limiting straight line. Fig. 89 illustrates in particular — log^o/ plotted 
against Vm for CdS 04 ^5°. Up to m = 0*01 there is excellent agree- 
ment between theory and experiment. The values of the activity 


CO 

t Writing E{x) = f ™ du. 

J u 




Fig. 88. Variation of activity coefficient with concentra- 
tion according to the Gronwall-LaMer-Sandved theory. 


t V. K. La Mer and W. G. Parks, J. Am. Chem. Soc. 53 (1931), 2040. While the 
activity coefficient of ZnS04 agrees well with the theory (see Cowperthwaite and La Mer, 
J. Am. Chem. Soc. 53 (1931), 4333), CUSO4 offers great difficulties in this respect (see 
M. Quintin, Compt. rend., p. 767, 1933). 

J a was found to vary less than 0*1 A. between 0° and 25 . a must therefore be con- 
sidered as the distance of closest approach of two ions without their surrounding hydrate 
sheaths ; otherwise a should decrease with increasing temperature. See especially J. A. 
Cowperthwaite, Diss. Golutnbid University, 1930, 
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The deviations from the limiting laws found by Scatchard and Tefftf 
for ZnClg, PbOlg, and CdClg can probably also be interpreted in terms 
of the theory of La Mer, Gronwall, and Sandved. Another possible 
explanation is provided by assuming incomplete dissociation and the 
formation of intermediate ions, as has been proposed specially by C. W. 

Davies 4 


-%lo/ 



For the osmotic coefficient g in water at 25° the theory gives the 
expression 

l-, = 3.447164{!-A^_llog(l+.)j_ 

-0-16384(iQ'l0*{Z3(x)-6F3(a;)}- 

~0-077m(^^^^JlO^{X,{x)~lOY,{x)}. (616) 

Table 45 gives some data for NalOj KNO 3 , ZnSO^, and MgS 04 .§ 
The electrolytes contained in these tables give according to Debye’s 
approximation values for the ionic diameters which vary considerably 
with the concentration and often become negative. These values are 

t G. Scatchard and Tefft, J. Amer. Chem. Soc. 52 (1932), 2272. 

t See p. 280, footnote. The method of M. Wien described in § 56 offers a possibility 
of distinguishing between these two explanations. 

§ Data for K 2 SO 4 , and BaClg are included ; cf. the following section. KCl also obeys the 
theory; see H. M. Spencer, J, Am. Chem. Soc. 54, (1932), 4490. 
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given in Table 49 under the heading Uq. The values of 10% at the head 
of each table are those employed in the La Mer-Gronwall-Sandved 
expression, for calculating the freezing-point lowering A. It is seen that 
the agreement between the observed and calculated values of A is 
satisfactory throughout.f 

Table 45 


( Debye - 
Htickel) 


NalOa; Wa = 1*25 


0*00212 

0-00770 

I --11-70 

-0*00004 

'0*00499 

0-01785 

- 9-08 

-0-00018 

0*00929 

0-03310 

— 2-74 

-0*00011 

0*01502 

0-05300 

— 1-59 

-0-00006 

0*02868 

0-0997 

— 0-29 

4-0*0001 

0*06329 

0-2129 

— 0-08 

4-0-0000 

0*101 

0-3317 

4- 0-13 

-0*0002 

KNO3; 10% = 1*40 


0*00443 ! 

0-0161 

-+• 0-54 

0-0000 

0*01565 

0-0558 

4- 2*10 

-1-0*0003 

0*03874 

0-1343 

4“ 0-91 

+ 0*0007 

0*06766 

0*1960 ' 

4 - 0-41 

+ 0*0001 

0*12270 

0-4017 

4- 0-56 

-0-0002 

ZnSOi; 10«a 

= 3*60 


0*0003988 

0-001387 

- 3-60 

+ 0*00001 

0*001081 

0-00350 

- 7-83 

-0-00003 

0*005160 

0-01499 

— 2-46 

+ 0-00004 

0*01391 

0-03701 

+ 1*99 

-0-00016 


( Debye - 

Htickel) Aobs— 


10% = 3*70 


0*003201 

0*0100 

1*10 

+ 0-0002 

0*00535 

0*01595 

1*42 

+ 0*0003 

0*00746 

0*02165 

2*04 

+ 0-0005 

0*01310 

0-03615 

' 2-77 

+ 0-0005 

0-02668 ' 

0*06730 

2-98 

0*0000 


K2SO4; 

10% = 3-6 


0*001 i 

0*00526 

-10*7 

+ 0*00009 

0*005 

0-02565 

2-39 

+ 0*00003 

0*01 

0-05005 

2-96 

+ 0*00003 


BaCla,* 10% = 3-4 


0-001 

0*00531 

- 4-96 

j 0*00004 

0-004 

0-02048 

- 0-28 

0-00018 

0-01 

0-05000 

+ 2-86 

0*00008 


(c) The case of UTisymmetrical electrolytes. LaMer,Gronwall,andGreiffJ 
have obtained the following expressions for unsymmetrical electrolytes 

-log/ = 

— ( 1 b®a j® "{"^1 ^2 +^i) (^ 1 +^ 2 )^-®* (*) 


t It is specially interesting that La Mer and W. C. Eichelberger (J . Atn. Cherri. Soc. 
54 (1932), 2763) have recently shown that the activity coefficients of H 2 SO 4 in glacial 
acetic acid obey the La Mer- Gronwall- Sand ved theory, taking the a-parameter as 11 A. 
It is assumed that the acid dissociates into H+ and HSO^. 

X V. K. La Mer, T. H. Gronwall, and L. J. Greiff, J. Phys. Chejn. 35 (1931), 2245. 
A method has been recently developed for determining the solubility of sparingly soluble 
inorganic salts in aqueous solutions (see E. W. Neumann and Popoff, J . Phys. Chem. 34 
(1930), 1853; also the papers quoted on p. 131). It has been found that symmetrical 
electrolytes obey the La Mer-Gronwall-Sandved theory fairly well, but that its extension 
by Greiff to unsymmetrical types does not appear to agree with the experimental results. 
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B^{x) = 


10®e^ X 

2 Dofc!r 1+*’ 


B^{x) = (^^\\X^{x)~Y^{x)} 


[§ 51 




\ (617) 


The functions X 2 ,...,X| and 1^,-.., T* occurring in these equations have 
been tabulated. Eor the special case of water at 25° the equation 
becomes 


-iQgio/ 


= 1*53636 


0*2174 


10% l+:r^(10%)2 
1 


(z^+z^noHiX^-Y^)^ 


— 0*15382 

— 0*15382 


(10%)3 

1 


{zl+z^z^+zl){z^+z,)no\^Xf~-2Yt)^ 

(2f+%22+z|)103(|-X3-~23^). (618) 


(10%)3 

For the osmotic coefficient in water at the same temperature, 

in _»i!™(?_^_liog(i+.)l + 


— 1 +^ 

+0-47632i5l^g|^'(iX,-2r,)- 

-0-3279(2i+23)2i5i±^^pIlil®(4Zr-3r*)- 

_0-3279M±5^+^)!i^ (lXs— 3 Y,). 


(10%) 


(619) 


Greiff was able to show that the agreement between theory and experi- 
ment is again excellent. 

The case of mixtures has also been treated by Greiff. We shall take 
as an example the case previously mentionedf of the effect of added 
K 2 SO 4 upon the solubility of a 3-1 -valent complex cobalt salt (see 
Fig. 90). It is especially interesting that the new theory is able to clear 
up the discrepancy between the experimental results and the simple 
Debye theory (see Figs. 90 and 28). The ionic strength J (cf. p. 133) is 
connected with k by (224), giving VJ == 3-05 X 10“%. Thus if the 
abscissae iff Fig. 90 are multiplied by 3*05, the square roots of the corre- 
sponding ionic strengths are obtained. The behaviour of the osmotic 


t See p- 133. 
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coefficients is illustrated in Mg. 49 ; here again there is good agreement 
between theory and experiment. 

{d) General considerations. The theoretical foundations of the theory 
of Gronwallj La Mer, and Sandved can only be tested by an extension 
of Kramer’s statistical treatment of electrolyte solutionsf to embrace 
the case of finite ionic radii. The good agreement between theory and 
experiment makes it probable that the next approximation in the 
statistical treatment will give values very near those obtained by Gron- 
wall, La Mer, and Sandved. It is especially noteworthy that the theory 



Fig. 90. Solubility of [Co(NH3)6][Co(NH3)2(N02)2Ci,Oj3 in K^SO^ solution. 

is able to account for the behaviour of unsymmetrical electrolytes of 
high valence types, for which the original Debye theory failed com- 
pletely. It is, however, strange that the a-parameter, which represents 
some kind of a closest distance of approach between two ions in contact, 
should assume the value 1-6 A. when dealing with the complex ion 
[Co(NH 3)2(N02)2(C204)], the radius of which is certainly at least 3 A. 
A further difficulty was found by E. W. Neumann (loc. cit) in his experi- 
ments on the solubility of AgCl in salt solutions. Eor unsymmetrical 
solvent salts (especially sulphates) equation ( 618 ) does not lead to 
constant values for the parameter a. This point requires further 
investigation. It would also be of considerable interest to extend the 
same treatment to conductivity phenomena, though in this case the 
mathematical difficulties would be very great. 


t See p. 332. 



280 MORE CONCENTRATED SOLUTIONS [§ 51 

In spite of the great success of the theory of Gronwall, La Mer, and 
Sandved, one other point needs consideration. f It is not very probable 
that at the concentrations considered the interaction between the ions 
is entirely determined by the Coulomb forces. We should expect that 
the quantum-mechanical dispersion forces, and in many cases also the 
true quantum-mechanical chemical forces will be of importance. Un- 
fortunately, very little is known of these latter forces in solution, but it 
may be anticipated that they will introduce modifications in La Mer’s 
calculations. The solvent may also exert some effect upon the ions, 
the nature of which is not yet fully understood. 

We shall now consider the heat of dilution of more concentrated solu- 
tions, which is closely connected with the theory of La Mer, Gronwall, 
and Sandved. 


52. The Heat of Dilution of More Concentrated Solutions 
according to the Theories of Debye and Hiickel; Hiickel; 
and La Mer, Gronwall, and Sandved 

In order to obtain the heat of dilution, we shall begin with the 
electrical part of the free energy of the ions in solution, which we have 
previously obtained by considering a reversible discharging process. J 
If we have V c.c. solution containing M^, ..., moles of ions of 

the sorts 1 , 2 ,..., 5, valencies z^, Z 2 ...» z^, and diameters the 

Debye-Hiickel theory gives from (569) 


Nilf,- 2; f 1/11 N I 

^ ( 620 ) 

According to HuckeUs theory§ Dq in equation (620) should be replaced 
by a dielectric constant D depending on the concentration, and an 
additional work term 

A"~X( 

^ - Z[~ -2^,by + ^ 2Db, ) 


t It may be noted that C. W. Davies and his collaborators account for the behaviour 
of electrolytes in more concentrated solutions by assuming incomplete dissociation (see 
p. 301, and in connexion with La Mer’s theory, H. E. Blayden and C. W. Davies, J. Chem. 
Soc. (1930), 949; C. W. Davies, ibid. (1930), 2410). Even tlio great deviations from the 
Debye-Hiickel theory exhibited by dilute solutions of unsyrnmotrical electrolytes are 
explained by Davies on the basis of incomplete dissociation, while they appear as typical 
ion effects in the theory of La Mer and his collaborators. See C. W. Davies, J . Chem. Soc. 
(1930) 2421; W. H. Banks, E. C. Righellato, and C. W. Davies, Trans. Farad. Soc. 27 
(1931), 621 ; R. W. Money and C. W. Davies, ibid. 38 (1932), 609 ; Davies, ibid. 38 (1932), 
607. 


See p. 113. 


§ For a criticism of this theory, see p. 272. 
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should be added to (620), is then equal to A'-j-A". We shall for the 
present neglect the variation of D with concentration, i.e. put A" = 0 
and employ equation (620). The heat of dilution of M moles of salt is 
then given by the Gibbs-Helmholtz equation (9), giving 


ML = ^ - y + ( 622 ) 

* dT Z, 2 D„ l+ajK[ ^DodTj ^ 

This assumes that the ionic diameters aj are independent of temperature, 

and also neglects the effect of a term in £)log V/dT resulting from the 

thermal expansion, f The integral heat of dilution per mole L is then 

given by 


L^-± 


y NM,- ' 


2iZ)q 




It may be seen from this equation that the introduction of a finite ionic 
diameter will decrease the positive heat of dilution, but can never change 
its sign. Such a change of sign can, however, be accounted for by taking 
into account the dependence of the ionic diameters upon the tempera- 
ture. Gross and HalpernJ and Bjerrum§ have shown that the effect 
is to add a term to (623) which for low concentrations is proportional 
to the concentration and to the temperature coefficient da^ldT, If, 
therefore, decreases with rising temper atxme, the additional term is 
positive, while if increases with rising temperature, the additional 
term is negative. Bjerrum has calculated the values of da^jdT from the 
experimental heats of dilution of a number of 1 - 1 -valent electroljrfces. 
It was found that for the strongly hydrated electrolytes HCl, LiOH, 
LiCl, LiNOg, a decreases with increasing temperature, || while for the 
unhydrated electrolytes KOH, HNO 3 , NaOH, KCl, EdSFOg, and CsNOg 
with smaller values of a, a was found to increase with rising tempera- 
ture, ff It is impossible to develop Bjerrum's theory quantitatively, 
since a number of approximations are made which are not permissible in 
more concentrated solutions. The chief objection to Bjerrum ’s treat- 
ment is the fact that the Debye-Hxickel theory is certainly not applicable 


t See O- Gatty, Phil. Mag. 11 (1931), 1082; G. Scatchard, J. Am. Che?n. Soc. 53 
fl931), 2037. For water the correction is of the order of magnitude of the experimental 
error (c. 7 per cent.), but it is much greater in some non-aqueous solvents. 

$ P. Gross and O. Halpern, Phys. Z. 26 (1925), 403; P. Gross, Akad. d. Wlss. Wien Ilb, 
136 (1927), 243. 

§ N. Bjerrum, Trans. Fai'ad. Soc. 23 (1927), 445. 

1 O^cla 

II For Bjerrum finds the values —0-86, —0-62, —0-55. 

dlogT 

It The corresponding values of IQ^dajd log T are 0*12, 0*25, 0*43, 0*60, 2*06, 2*20. The 
more recent investigations of La Mer and his collaborators indicate that a does not 
vary nearly as much with temperature as assumed by Bjerrum. See specially J . A. 
Cowperthwaite and V. K. La Mer, *7. Am. Chem. Soc. 53 (1931), 4333. 

3595,7 Q Q 
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at such high concentrations. The effect is also much too small at about 
0-01 N. to explain the observed individualities in the heats of dilutiou.f 
We shall now investigate the results obtained from Hiickers theory, 
taking the case of 1-1 -valent electrolytes for the sake of simplicity. 
Equation (621) gives for A'^ per mole 


A" 


We also have from (569) 


Jl— N-h— N. 

2Do6 ^2Db 


A' = 


VlcT 

4z7ra^ 


|log(lH-a/c) — ciK' 


iaK)^\ 




(624) 


(625) 


In (622) and (625) D may be written in the form D = Doil—Sy). If 
to 1, this gives for A' 

VhT 


A' = 


We now have 


12 


A"-T 


BA" 

dT 


t{( 


1 + 


Kg(l+|8y). 



(626) 

T dDA 

T dS) 

1 

(627) 

D,dT) 

8 dT\ 

\d; 


-T 


dA' 


dT 


can be similarly calculated from (626) and (217). We glia.n 
now take the case of water at 18° and use Drude’s valuej 

T dD„ 


which gives for L 




= —I 
b r 




(628) 


Inserting Sack’s value 8 == 6-6 and putting 6 = 2 A., (628) becomes 


L = -1,328V7^-0-316— 6-6y|^^j(l + 9-9y)+ 

+ 13,600(-0-316_|^Jy. (629) 

It will be seen that the variation of the dielectric constant with con- 
centration introduces a term proportional to the concentration. Un- 
fortunately there exists very little experimental data on the quantity 

T dB 

B, and still less on the term ~ neglect the latter term, 


t See p. 160. 


t Cf. p. 161. 
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(629) becomes 

L = 1,328 xO-315Vy(l + 9*97)~ 13,600X0*3157. (630) 

The negative second term can thus give rise to a negative heat of dilu- 
tion, even at y = 0*01. By taking into account the term ^ any 

D^dT 

values of the heat of dilution could no doubt be accounted for. It can, 
however, be easily shown that if the formulae here are applied to the 
calculation of osmotic coefficients, the results obtained are at variance 
with experiment.f Further, it is impossible to explain the fact that the 
negative heat of dilution increases rapidly with increasing concentration, 
since the values of 8 become 30-100 times smaller at high concentrations, 
and the negative term in (629) will correspondingly decrease in im- 
portance, It can also be easily shown that the individuality of the heats 
of dilution cannot be explained in this way. J 

Lange and Meixner§ have recently attempted to explain the indi- 
viduality of the integral heats of dilution by applying the theory of 
Gronwall, La Mer, and Sandved. To simplify matters, the dielectric 
constant is assumed independent of the concentration, and the ionic 
radius and the volume assumed independent of the temperature. To 
make the subsequent considerations clearer, we shall first consider 
equation (622), the expression for the molar heat of dilution derived 
from the second approximation of Debye and Hiickel. The potential at 
the central ion for r = is given by 


iji* 1 


(631) 


Introducing this in (622), we obtain for the integral molar heat of dilu- 
tion 






1 per mole salt. (632) 

Dq dT I 

The potential energy of an ion of charge eZj and potential is given by 


U 


(633) 


t See p. 231 for a discussion of the difficulties connected with Sack’s conclusions. It 
is now known (especially from the work of Wien) that for very dilute solutions the di- 
electric constants follow a square-root law, and that at high concentrations the 8-values 
for water are very much smaller than those obtained by Sack. For literature, see R. T. 
Lattey and W. G. Davies, Phil. Mag. 12 (1931), 1111. 

X See E. Lange and A. L. Robinson, Ghern. Rev. 9 (1931), 89. 

§ Lange and Meixner, Phys. Z. 30 (1929), 670; Z. Elektrochern. 36 (1930), 772; A. L. 
Robinson, J. Am. Chem. Soc. 54 (1932), 1311; H. Hammerschmid and Lange, ibid. 54 
(1932), 3120. 
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while at infinite dilution it has the value 


since only the potential is operative. Introducing and 

into (632), it becomes 


“^""52 ^ (635) 

j = l \ 0 / 

(632) thus expresses the integral molar heat of dilution as the differ- 
ence between the electrical potential energies of the ions at the initial 

concentration y and at infinite dilution, multiplied by 1 We 

-L'q dj, 

shall now show that the heat of dilution can be expressed in the same 
form in the theory of Gronwall, La Mer, and Sandved. 

By means of the charging process previously described, the electrical 
part of the free energy of M moles of the electrolyte is calculated to be 


T dD^ 




-Dq kTx\ 


x) dx 




We also have 
dT\T 


^ 2DQa^kT* 

; = l ^ J 

(636) 


TdT T^~ tA “ 8T 


so that the heat of dilution L is given by 

M dT\Tj 

Eq[uation (638) is easily evaluated, giving the result 
M \ ^Do dTj^ 


Zy 2 ^ 


-Dq aj icT 


^^D^a.kT] 


2 D.a, 


1 I dP^ 
dT^ 


It will be seen that (639) is in formal agreement with (632), so that the 
same rule applies. There is, however, an essential difference, since (632) 
employs an approximate value for TJ-, while (639) contains the exact 
value. The numerical results are therefore different. In the case of 



§52] HEAT OF DILUTION 285 

symmetrical a:-valent electrolytes, assuming the radii of the cation and 
the anion to be eq[ual, the formula for L becomes very much simpler. 
Using the relations (610) we obtainf 


T dD^i { A2 \2m4-l. 

m=0 


’ (640) 



Fig. 91. Heats of dilution of 1-1-vaIent salts in water. 


For values of « > 10-® it is permissible to neglect X„ Xg, and 

higher terms. We then obtain the curves shown in Fig. 91, in which the 
heat of dilution in cal. /mole is plotted against Vy. For small radii, the 

t If the temperature variations of the volume and the ionic radius are taken into 
/ T f1 D \ 

account, (l + X must in general be replaced by 


See G. Scatchard, J. Am. Chem. Soc. 53 (1931), 2037. 
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neglect of the higher terms introduces considerable errors. The limiting 
law (373) is obtained from (640) by neglecting the terms Xg, etc. 
and putting a = 0 in X^. The second approximation is obtained by 
retaining only X^ = l/{l+x). The curves corresponding to the second 
approximation are hyperbolae, which all lie below the limiting straight 


0.0^ 0.09 0.76 0.25 0.36 ^009 



Fig. 92. Heats of dilution of 1-1-valent salts in water. 


line and become tangential to it at the origin. Hence for small con- 
centrations and finite values of a, X 3 , etc. can be neglected. At higher 
concentrations this is no longer the case, since small values of a lead 
to positive deviations, and large values of a to negative deviations. 
The second Debye-Hiickel approximation cannot account for positive 
deviations. Fig. 92 shows the experimental results for a number of 
1 - 1 -valent salts. The limiting straight line is also shown, using Wyman’sf 
value dDJdT = —0-361. Fig. 92 also shows the theoretical curves from 
(640) with a = 3 A. and a — 5 A, It should be specially noticed that 
a negative heat of dilution is never to be expected according to the 
theory of Gronwall, Sandved, and La Mer. Figs. 93 , 94 , and 95 show 
t J. Wyman, Phys. Rev. 35 (1930), 623. 
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the results for the molar heat of dilution L for 2-1, and 2-2-valent salts 
in water at 25°. The theoretical curves for a = 3 A. and a = 4A he 
very near the experimental curves for CaS 04 and MgS 04 , respectively, 
u^ing Wyman’s value dDJdT = — 0*361.f (The uncertainty in this 
value leads to a considerable uncertainty in the absolute theoretical 



values.) The Debye-Hiickel second approximation is powerless to 
explain such large positive deviations from the limiting law. Ca must 
be assigned a smaller ionic radius than Mg, which is in the opposite order 
to their atomic weights, but is probably due to hydration. For 1-1- 
valent salts up to y = 0*01 the order found is 

^LlCl ' ^NaCl ^ ^KCl ^RbCl ^ ^CsCl 

^ <^KC1 < %CBr < ^KI 

■ ^KF RbF? ^NaCl ^NaBr ^Nal 

t See E. Lange, Z. Elektrochem. 36 (1930), 775. 


288 MORE CONCENTRATED SOLUTIONS 

and similarly for 2-1-valent salts, where we have 

^^MgBra < ^^SrBrg < ^^BaBra 

^MgCla ^CaClg <^SrCl2 ^BaCla 

<^Mg(N03)a < <^Ca(N03)2 < ^Sr(N03)4 < ^Ba(N03)a 

‘^LiaSOi 


0.0! aas 



These orders seem plausible, but unfortunately a consideration of 
activity coefficients and ionic mobilities leads to the reverse order, f 
Further, the a-values found for MgCl 2 and CaCl 2 £>^re in the reverse 
order to those found for MgSO^ and CaSO^. Hence unless the order 
becomes reversed at great dilutions in the case of the sulphates, the 
a-values depend not only upon the radii of the single ions, but also 
upon the nature of the oppositely charged ions present. 


t See E. Lange and H. Streck, Naturwias, 19 (1931), 359. 
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Matters are far more complicated at higher concentrations. Thus it 
is important to note that the Gronwall-La Mer-Sandved theory can 
never account for the negative heats of dilution which are frequently 
met with. We have previously shown that these negative values can 
be explained by assuming that the ionic radii depend upon the tempera- 
ture, or that the dielectric constant depends upon the concentration. 



Fig. 95. Heats of dilution of 2-2-valent salts in water. 


These hypotheses will not, however, explain the discrepancies met with 
in the initial slopes. It may be easily shown that the theory of Nernst, 
dealt with in the next section, also fails in this respect.f 

53. Nernst’s Theory of Electrolytic Dissociation. Approximate 
Determination of the True Degree of Dissociation 

Nernst has recently proposed a theory^ to account (at least in the 
simplest cases) for the occurrence of large negative heats of dilution 
without having recourse to the introduction of ionic radii or the varia- 
tion of the dielectric constant with concentration. Nernst’s theory is 

t The molar heat of dissociation is of the order of magnitude 10,000 cal., i.e. the 
contribution to the heat of dilution in 0-01 N. solution is 10 cal., which is hardly enough 
to explain the observed discrepancies. 

J W. Nernst, Z. EUktrochem. 33 (1927), 428, and later papers. See also J. Zirkler, 
Z. /. Phys. 69 (1931), 515; Z. phys. Ghem. 163 A (1932), 1; 164 A (1933), 134; Plake, 
ibid. 162 A (1932), 257. 

3595.7 
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based on the idea that negative heats of dilution are most simply re- 
ferred to heats of dissociation, solutions of strong electrolytes being 
assumed to contain appreciable amounts of undissociated molecules, as 
in Arrhenius’s original theory. These molecules are in mass law equili- 
brium with the ions. The true degree of dissociation can be deduced 
from measurements of heats of dilution and their temperature coeffi- 
cients, and quite independently from osmotic and conductivity measure- 
ments. Since dissociation is complete at infinite dilution the heat of 
dilution is determined by the energy which is necessary during dilution 
to break up the imdissociated molecules into their ions. In addition 
to this negative heat of dilution, there is also a positive effect due to 
interionic action, which for high degrees of dissociation can be calcu- 
lated on the assumption that all the molecules are dissociated. If Q is 
the molar heat of dissociation of the binary electrolyte, ex* its true degree 
of dissociation and B the factor in the Debye limiting law (375), the 
molar heat of dilution is given by 

L = —Q{l-oL*)+Boc^oc*y)K (641) 

The factor a* Vex* must be introduced into the Debye expressionf since 
only the fraction a* of the molecules is dissociated into ions. The 
thermodynamic mass action expression for binary electrolytes is given 
by (133) p 

£ == K (/ = activity coefficient). (642) 

1 — a* 


For values of a* near unity, 1— -a* may be assumed to be proportional 
to y. The measurements of Nemst and Orthmann can in fact be ex- 
pressed in this form. The vahdity of (641) is not, however, proved until 
Q and a* can be determined independently. Nernst succeeded in doing 
this as follows. If the Debye effect is known, experimental values of 
the heat of dilution and at two different temperatures and Tg 
can be used to calculate Q(l— exf) and Q(l--a 2 )• Hoff’s isochore 

(44) gives on integration {Q being assumed independent of the tem- 


perature) 


logy' 





(643) 


The activity coefficients and /2 cancel out, since it has been shown by 
ScatchardJ that for a given concentration the activity coefficients vary 
very httle with temperature. As a first approximation we put 


(cx*/cx*)2 = 1. 


t This expression is hardly valid at the high concentrations considered by Nemst. 
i G. Scatohard, J. Am. Chem. Soc. 47 (1925), 650. 
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Equation (643) then gives Qq, and since (1— {1-~(4)Qq are 
known from the heats of dilution, approximate values of and afo 
are obtained. 

We can now correct the heats of dilution and by ^a***(a*y)^ 
instead of jBVy, thus obtaining better values for 0(1— a*). These calcu- 
lations are then repeated, using the values a% and and this method 
of successive approximation is continued until constant values are 
obtained for the heat of dissociation Q and the true degrees of dissocia- 
tion ocf and af . 

The degree of association 1 — a* varies much more with the tempera- 
ture than does Q. Equation (44) enables us to estimate how far the 
relative temperature coefficient of Q can be neglected in comparison to 
that of 1 — a*. Integrating over a small temperature interval, we have 


Differentiating this with respect to T, we obtain for smaU degrees of 
association, <^log(l-Q:*) . dlog{QjBT) Q 

dT ' dT ~ BT’ 


(645) 


i.e. the relative temperature of the association is QjBT times as great 
as the relative temperature coefficient of QjT, Table 47 shows that 
Q is much greater than RT\ further 1 — a* varies much more rapidly 
than T, so that the degree of association 1 — a* varies much more rapidly 
with the temperature than does Q. 

The necessary measurements of the heat of dilution at different 
temperatures have been carried out by Naude, using the calorimeter of 
Nernst and Orthmann previously described.*)* For the sake of simpHcity 
the 1 - 1 -valent salts KCl, NaCl, KNO 3 , and NaNOg were first considered. 
The first four salts showed a definite decrease in the heat of dilution with 
decreasing temperature specially marked in the case of KNOq. If B is 
assumed constant, 0 ( 1 — a*) must therefore increase with decreasing 
temperature; i.e. the degree of association increases with decreasing 
temperature, which is what we should expect. 

In contrast to the other salts, LiCl appears to be completely disso- 
ciated in 0 * 1 N. solution. The Debye theory, leading to a positive heat 
of dilution, may thus be applied to this salt. It was found empirically 
that the expression 320Vy expresses the results at 18° up to 0*1 N. The 
square -root law is thus retained from Debye’s theory J but the factor 
is determined experimentally (Bjerrum gives the theoretical value 418). 

I See p. 157. % See equation (375). 
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At tlie highest concentrations the observed values are lower than those 
given by the formula; this is interpreted as being due to the presence 
of a small amoimt of undissociated salt. On account of the uncertainty 
in dDJdT the theoretical values of B are not accurately known.f 
Nfaude has therefore determined experimentally the value of B for LiCl 
as a function of the temperature. The measured heat evolutions for the 
other salts are then corrected to infinite dilution by the use of these 
coefficients. The heat of dissociation Q and the degree of dissociation a* 
can then be obtained from equations (641) and (642) as described above. 

Table 46 


Electrolyte 

Cone, {moles 
per litre) 

Obs. heat of 
dilution L 
corr. to y — 0 
by 320.^7 {cal.) 

Heat absorp- 
tion (1 — a *)(2 
calc, {cal.) 

Debye e^ect 

320a*(a*y)* 

{cal.) 

L calc, from 
columns 4 
and 5 {cal.) 

NaCl 

1 

-- 101-6 

-372-2 

+ 272-0 

- 100-2 


0-83 

+ 37-2 

-124-1 

+ 174-8 

+ 60-7 


0*1 

+ 56 

— 37-2 

+ 100 

+ 62-8 


0-04 

+ 57 

- 15 

+ 64 

+ 49 


0-033 

+ 39 

- 12 

+ 58 

+ 46 


0-013 

+ 35 

- 4 

+ 37 

+ 33 


0-004 

-1- 19 

- 1 

+ 20 

+ 19 

KCl 

0-333 

+ 31-4 

-133-0 

+ 166-6 

+ 32-7 


0-1 

+ 52 

- 40 

+ 98 

+ 58 


0-013 

-f 33 

- 5 

+ 37 

+ 32 


0-004 

+ 22 

- 2 

+ 20 

+ 18 

NaNOs 

0-333 

-128-3 

-287-9 

+ 159-7 

+ 128-2 


0-1 

-f 4 

- 86 

+ 97 

+ 11 


0-033 

-1- 22 

— 29 

+ 57 

+ 28 


0-013 

+ 26 

- 11 

+ 37 

+ 26 


0-004 

-f 20 

- 3 

+ 20 

+ 17 

KNO 3 

0-333 

-327-3 

-474-8 

+ 146-9 

-327-9 


0-1 

+ 76 

-143 

+ 94 

- 49 


0-013 

-[- 24 

- 19 

+ 37 

+ 18 


0-004 

+ 18 

__ 6 

+ 20 

+ 14 


Using the values of the heat of dissociation Q and the degree of 
association l~a* thus obtained, (641) enables us to calculate the heats 
of dilution for different concentrations at 18°. These calculated heats 


are then compared with the observed heats of dilution, corrected to 
infinite dilution by the formula 320Vy. Table 46 contains the results 
obtained by Naude for the electrolytes NaCl, KCl, NaNOa, and KNO3. 
It is seen that there is good agreement between the observed heats of 
dilution in the third column and the calculated values in the sixth. 
Even the point at which the negative heat of dilution changes to a 

t See p. 161. 
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positive one is well reproduced by Nemst’s theory. Equation (641) 
enables us to calculate the heat of dilution at different temperatures. 
It is found that there is again good agreement between the observed 
and calculated values, especially taking into account the difficulty of 
the measurements. Naude has also investigated the heat of dilution of 
non-electrolytes. It was found that while the Bjerrum-Debye-Huckel 
theory predicts a heat of dilution of 42 cal., per mole for a 0*01 N. 1-1- 
valent electrolyte, the corresponding heat of dilution of non-electro- 
lytes was zero within the experimental error, as may be expected in the 
absence of interionic forces. Table 47 gives the values calculated by 
Nernst for the degree of association of some electrolytes at 0° and 18° 
at a concentration of y = 0-1. The values of Q used in the calculations 
are also given. 

Table 47 

(y = 0-1 N.) 


Electrolyte 

Q 

1- 

a* 

0° 

18“ 

KNO3 

3,100 

0063 

0*048 

NaNOg 

3,130 

0*036 

0*028 

KCl ' 

2,160 

0*025 

0*019 

NaCl 

3,500 

0*015 

0*011 

LiCl 

*• 

0 

0 


JSTernst has also calculated the true degree of dissociation from 
measurements of osmotic pressure and conductivity, allowing for the 
Debye effect. The values obtained are in approximate agreement with 
those derived from the heats of dilution. We shall give a short account 
of Xemst’s treatment. f 

It appears from the heats of dilution that the Debye effect can be 
taken as practically the same for all 1-1 -valent salts. If we use (86) and 
(262) to calculate the Debye effect for 0*1 N. KCl, which is only slightly 
associated, we obtain the value 0*134. Table 47 gives for the true degree 
of dissociation 1 — a* = 0*025. The degree of association as calculated 
by Arrhenius is therefore given by 

1— a = 0-134+0-025 = 0*159. 

Actually, freezing-point determinations give by (86) and (123) 

l-oc == 0*161. 

Table 48 gives the corresponding values of 1 — od"** and 1 — a calculated by 
Nernst foi' other 1-1 -valent electrolytes. 

-f See also J. Zirklor, Z. Elehtrochem. 37 (1931), 252; Z. f. Physik, 69 (1931), 50; 
Z.phys. Chem. 163 A (1932), 1 ; 164 A (1933), 134; Plake, ibid. 162 A (1932), 257. 
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Table 48 

(Concentration y = 0*1 N.) 


JElectrolyte 

1 — a* 

0° 

1 — a {calc.) 

1 — O' {ohs.) 

1-a 

(100°) 

(100° and y = 0-333) 

KNO3 

0-063 

0-197 

0-217 

0-17 

0-29 

NaNOg 

0-036 

0-170 

0-154 

0-19 

0-25 

KOI 

0-025 

0-159 

0-161 

0-17 

0-19 

NaCl 

0-015 

0-149 

0-161 

0-12 

0-17 

LiCl 

0 

0-134 

[0-13] 

0-15 

0-15 


The values of 1— a obtained from freezing-point data are unavoid- 
ably uncertain, so that the agreement may be considered as good 
throughout. 

Nernst has obtained practically the same results for the true degree 
of dissociation from conductivity data. The same method was first 
described by Onsagerf whose treatment we shall follow. 

We have previously seen that not all deviations from the theoretical 
sq[uare-root relation between equivalent conductivity and concentration 
can be attributed to association, since the square-root law is only a first 
approximation applicable to very dilute solutions. In treating more 
concentrated solutions, it would be necessary to develop the differential 
equations of Onsager, Debye, and Hiickel (474) in more detail. RedlichJ 
has carried out such calculations for the original equations of Debye and 
Hiickel, assuming complete dissociation. His equations agree with 
experiment up to 0* 1 H. for the alkali hafides, the conductivity curves of 
which resemble those in Tig. 40. Unfortunately, the original Debye- 
Hiickel equations are not completely accurate, and actually the differ- 
ential equations of Onsager (which take into account the Brownian 
movement) should be treated in the same way. The qualitative result 
of such a treatment would presumably be the same as that found by 
R-edlich, i.e. it would lead to a conductivity curve lying above the limit- 
ing straight line. There are, however, ceii^ainly cases, e.g. the thallous 
salts, in which the conductivity curves curve down below the Onsager 
limiting slope (cf. Tig. 42). This is probably due to association, just as 
we found in considering activity phenomena (p. 257), and the question 
arises whether it is not possible to deduce at least approximate values 
for the degree of association from the conductivity curves. This has 
been done by Onsager§ and independently somewhat later by Nernst.|| 

t L. Onsager, Phys. Z. 28 (1927), 277. 

t O Redlich, Phys. Z. 26 (1925), 199; 27 (1926), 528. 

§ L. Onsager, Phys. Z. 28 (1927), 277. 

11 W. Nernst, Btrl. Akad. Ber. (1928), 4. 
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If there are two salts having equal conductivities at infinite dilution and 
the same transport numbers, then all the factors determining the inter- 
ionic forces are the same for the two salts. If therefore they differ in 
their behaviour at higher concentrations, this must be attributed to 
chemical differences. Onsager has carried out comparisons of this kind. 
The salts are not strictly identical, and it may be doubted whether the 
individual deviations of the alkali halides are not due to these small 
differences. There can, however, be no doubt that abnormal curves are 
obtained in some cases, e.g. for the thaUous salts, which have long been 
known to form complexes in aqueous solution.f Before treating these 
questions in detail, it is of interest to consider for a moment the difh- 
culties which are involved in the problem of developing a theory of more 
concentrated solutions. 

54. General Considerations Involved in a Treatment of more 
Concentrated Solutions 

We shall first enumerate the most important simplifications which have 
been made in deriving the hmitmg laws for the conductivity of dilute 
solutions. These simplifications are no longer valid for more con- 
centrated solutions. 

In the first place Boltzmann’s equation has been employed at the 
beginning of the derivation. J A second simplification is involved in 
neglecting the interaction between the interionic forces and the electro- 
phoretic effect. Onsager§ has shown that the error thus introduced in 
equation (519) is approximately of the form 

^log^, (646) 

where depends upon the ionic diameter. 

It would be interesting to calculate the quantity in (646) accurately. 
It can, however, be shown definitely that in the range 
10-4 < y* < 0-5 X 10-2 

the effect of the expression (646) is negligible, or can be expressed with 
sufficient accuracy by a term hnear in y*. If the highest concentration 
we wish to consider is termed yf , we can write 

Z! = Py*log^ + A = P^y*+A, (647) 

7o 70 

t According to Drucker {Z. Elektrochem. 28 (1922), 463) the behaviour of thallium 
salts is largely due to the equilibrium 2T1+ T1++. 

J See p. 101. 

§ L. Onsager, Phys. Z, 28 (1927), 277. 
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where A = j8y*log^ and is a constant. The error is zero for y* = 0 
71 

and for == yf, but has an intermediate maximum value of 

An,ax = M/2-718 at y* = r*/2-718. 

If we take 1-1-valent electrolytes in water and put yf = 0*005, then the 
value of Auiax is l^ss than 0*1 per cent, of the mobility, and hence is out- 
side the limits of accuracy of conductivity measurements by the Kohl- 
rausch method. The value of is greater for electrolytes of higher 
valency types, but the experimental accuracy is correspondingly lower. 
A rough calculation shows further that the ratio of the correction 
term to the square-root term in (519) is of the same order of magnitude 
as the ratio of the square-root term to the mobility itself. For 1-1-valent 
electrolytes in water at a concentration y = 0*01, the relative decrease 
in mobility corresponding to the square-root term is about 0*1. The 
correction term will therefore be about 1 per cent., and is thus hardly 
of importance at this concentration. 

A further simpKfication implied in the limiting law is the assumption 
of complete dissociation. We know, however, that at somewhat higher 
concentrations imdissociated molecules are also present, which will lead 
to deviations from the limiting law. This point has been dealt with in 
the previous section in connexion with heats of dilution. The effect of 
the undissociated part upon the conductivity curves will be treated 
in the next section. 

A complete theory of more concentrated solutions must also take 
into account the fact that Coulomb’s law cannot be assumed to hold 
for more concentrated solutions, since very considerable deviations 
must be anticipated when the ions approach closely together. These 
deviations appear partly as repulsive forces, and partly as increased 
attractive forces. Unfortunately nothing is known of the magnitude of 
these forces, and it is thus impossible to predict their effect upon the 
mobility of the ions. It would be of very great interest to obtain further 
information about these forces, which will include polarization forces, 
quantum -mechanical dispersion forces, f and the discontinuous quan- 
tum-mechanical forces of a purely chemical nature. The following 
qualitative predictions may be made. The repulsive forces will hardly 
extend beyond the first layer of molecules surrounding an ion. Their 
effect upon the mobility will thus be of the same order of magnitude as 
the effect of an increase in the ionic diameter, i.e. at the most a 100 


t Corresponding to the van der Waals forces in gases. 
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per cent, decrease in the probability of the ion-pair configurations. It is 
quite impossible to predict the effect of the attractive forces which are 
superimposed upon the Coulomb forces. They may very well increase the 
probability of the ion-pair configurations by several hundred per cent. 
Although we know that for sufficiently small concentrations these forces 
are negligible compared to the Coulomb forces, it is impossible to state 
over what range of concentration this statement is valid. It is known from 
a theoretical point of view that these forces decrease with increasing dis- 
tance much more rapidly than the Coulomb forces, and will hardly extend 
further than the first layer of molecules surroimding the ion. The effect 
of these forces upon the mobility can therefore probably be expressed 
approximately as a term directly proportional to the concentration. 

A further simplification is introduced in employing Boltzmann’s 
equation at the beginning of the deduction of the limiting law. It is, of 
course, possible in principle to extend the calculations of Gronwall, 
La Mer, and Sandved to the treatment of conductivity phenomena. 
This would presumably lead to both positive and negative deviations 
from the limiting law, just as in the case of heats of dilution. It is, 
however, probable that a strict statistical treatment employing the 
correct law of force would introduce some modifications into the calcu- 
lations of Gronwall, La Mer, and Sandved. 

Finally, we must consider the possibility that the ions may associate 
together to form larger ions in more concentrated solutions. The inter- 
action with the solvent has also been neglected. 

These considerations are intended to illustrate the extremely great 
difficulties associated with any theory of more concentrated solutions. 
Progress in this direction is bound to be gradual, and in the author’s 
opinion there is no immediate prospect of an exact theory of more con- 
centrated solutions, any more than it has proved possible to obtain a 
general equation of state for gases. All attempts which have so far been 
made to determine the true degree of dissociation must therefore be only 
approximate in character. We shall now turn to the methods developed 
by Onsager, Nemst, and recently by Davies and Wien for determining 
the true degree of dissociation. 

55. Approximate Determination of the True Degree of Dis- 
sociation from Conductivity Measurements (Onsager, 
Nernst, Davies, Mclnnes, Fuoss, and Kraus) 

We shall now show that for electrolytes with a tendency to association, 
the true ionic concentrations can be calculated approximately by means 

3595.7 Q q 
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of the law of mass action. This has been done especially by Onsager and 
Nemst. They have pointed out that better values for the true degree 
of dissociation could be obtained by using the generalized law of mass 
action, and this idea has been developed further by Davies, Mclnnes, 
Fuoss, and Kraus.| We shall first follow Onsager, and calculate how 
great the dissociation constant of a 1 - 1 -valent electrolyte must be in 
order to cause a decrease in apparent mobility of the same order of 
magnitude as the decrease caused by the electrical forces. The effect of 
the incomplete dissociation will be calculated according to the classical 
law of mass action, i.e. we shall not take into account the effect of the 
activities, as has been done by Davies. The effect of the interionic 
forces will be calculated according to Onsager’ s limiting equation (519). 

Let 1 —a* be the true fraction of undissociated molecules. If l—a’*' 
is small, the mass law for binary electrolytes becomes approximately 


l—a* = 


K' 


(648) 


The decrease in mobility caused by this decrease in the number of 
ions is 7 

(649) 

According to Onsager’s limiting law, the decrease in mobility caused by 
interionic action is given by (519) as Vy.J The two effects therefore 
cause equal decreases in mobility at a concentration given by 


__ K^ol) 


lU 


(650) 


In more dilute solutions the effect of the electrical forces will be more 
prominent, while in more concentrated solutions the effect of associa- 
tion will predominate. The ratio of the two effects is 




K 


(651) 


which approaches to the value zero with decreasing concentration. For 
1 - 1 -valent electrolytes in water (520) shows that the value of oc^ is of 
the same order of magnitude as 1^, being greater then Ij for all ions 
except the hydrogen and hydroxyl ions, for which it is a little smaller. 
If the dissociation constant is = 0 - 01 , (651) shows that incomplete 


t For references see p. 250. Previous to the work of Onsager, the combined use of 
the law of mass action and interionic action for strong electrolytes had been proposed 
by Gross and Halpem {Phys. Z. 26 (1926), 403), Sherrill and Noyes (/. Am. Chem. Soc. 
48 (1926), 1861), Mclnnes (ibid. 48 (1926), 2068), and Davies {J. Phys. Chem. 29 (1925), 
277.) J We do not need the exact expression for ocj given in (520). 
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dissociation is the determining factor for concentrations y* > 0-0001. 
If, on the other hand, iC = 1, the effect of the electrical forces is the 
predominating effect for all concentrations less than y* = 1. 

Combining (649) and (519), the conductivity curve appears as a 
parabola, . 

A = Aeo— aVy* — ^ (652) 

It should be possible to obtain an approximate value for the dissociation 
constant from the curvature of this parabola. The eq[uation possesses, 
however, only a very limited validity, since the factors mentioned in 
the preceding paragraph have not 
been taken into account, A further 
uncertainty is also introduced by 
the fact that the change of vis- 
cosity with concentration will 
affect the term hnear in y*. The 
effect of this correction could be 
estimated; it is, however, uncertain 
how far the macroscopic viscosity 200 
should be employed in (520), or 
whether a microscopic viscosity 
determines the motion of the ions . f 
If the mobility decreases more 
rapidly in dilute solutions than 
demanded by (5 1 9), we may always 
conclude that some association is 
present. It may be anticipated 
that the tendency to association will in general be greater for media 
of low dielectric constant and ions of higher valencies. 

In the case of iodic acid, incomplete dissociation becomes apparent 
even in very dilute solutions, and we can therefore represent the con- 
ductivity curve by a parabola which has the theoretical slope at y* = 0. 
Fig. 45 shows the observed values up to y* = 0*004 compared with the 
theoretical parabola 

A = 396*3— 105*3V(2y*’’) + 2-2x lOV. 
which corresponds to a dissociation constant K = 0*17. The two series 
shown with triangles were carried out with less pure water. At higher 
concentrations the limiting formula fails, no doubt owing to neglect 
of the factors mentioned in the preceding paragraph. Fig. 96 shows the 
f Cf. § 46, also footnote 1, p. 29. 
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conductivity curves of HCl and HIO 3 up to y* = 0-3. Good agreement 
with the limiting formula extends only up to y* = 0-004. The curve 
for HIO 3 has one interesting property. There is a point of inflexion, and 
between y* = 0*005 and y* = 0*05 the plot against Vy* is almost 
exactly linear. In the absence of measurements for more dilute solu- 
tions it would be easy to extrapolate this poartion of the curve to 
Aoo = 400 and thus obtain an incorrect limiting slope, just as was the 
case for 2-2-valent electrolytes.f It is certain that the variation of 
mobility with concentration cannot be wholly explained by the Coulomb 
interionic forces. To illustrate this we shall consider the four electro- 
lytes KCl, KlSTOg, TlCl, and TINO 3 . The extrapolation employed by 
Debye and Hiickel gives for their conductivities at infinite dilution the 
values 129-9, 126*5, 131, and 127-6, and equations (519) and (520) give 
the values 56-4, 55-8, 56*6, and 56 for the theoretical limiting slopes, 
which are thus practically identical within the experimental error. The 
transport numbers are all in the neighbourhood of 0-5. We should 
therefore expect that any second-order effects, such as the interaction 
between the ionic forces and the electrophoretic effect, will be almost 
identical for all four salts. A comparison of the experimental results 
for the four salts should thus enable us to recognize the presence of 
effects other than those due to Coulomb forces. Pig. 42 shows the 
values of A plotted against Vy* up to y* = 0 * 01 . There are obvious 
individual differences between the different curves : while the KCl curve 
is bent above the limiting straight line, the curves for the other three 
salts are bent downwards. The KNO 3 curve has only a very slight curva- 
ture, while the curves for the two thallium salts bend downwards over 
the whole concentration range. The differences between the viscosities 
of the different solutions amount to less than 0-05 per cent, over the 
whole range, and are thus negligible. The differences in the ionic dia- 
meters are also probably fairly small, and the observed individualities 
must therefore he attributed to ion association. This conclusion is 
perhaps somewhat doubtful in the case of KNO 3 since the effect is very 
small. If we assume that KCl is completely dissociated, the dissocia- 
tion constants for the three other salts KNO 3 , TINO 3 and TlOl can be. 
calculated, Onsager uses the values 129-9, 126-3, 127-5, and 131-1 for 
Aoo for the salts KCl, KNO 3 , TINO 3 , and TlCl respectively. For 
y* = 0 * 01 , A for KCl is 120*43, i.e. 0*5 units greater than the value 
calculated from the limiting expression A^—a^{2y'^). If the other salts 
were completely dissociated, the considerations given above would lead 

t See p. 197. 
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US to expect that in these cases also A for y* = 0*01 would be 0*5 unit 
greater than the value given by the limiting expression. The amounts 
by which the observed values of are less than the calculated values 
may thus be used to calculate the effective ionic concentrations and 
hence the dissociation constants. Table 49 gives the results of these 
calculations, t 

Table 49 


Salt 

KCl 

KNO 3 

TlNOg 

TlCl 

Aoo 

129*9 

126-3 

127*5 

131*1 

Ao*oi — Aoo + aVO*02 

+ 0*5 

- 0*2 

- 1*2 

~ 2*1 

Deficit in Ao-oi 

0 

- 0*7 

_ 1.7 

2*6 

Degree of dissociation a* 

1 

0*994 

0*987 

0*980 

Fraction undissociated 

0 

0*006 

0*013 

0*020 

Ka 

00 

1*4 

0*59 

0*40 


The more accurate method of Davies, J which we shall now deal with, 
leads to approximately the same results for the examples given above. 
Davies employs the exact form of the law of mass action (133) involving 
activities. Consider first a 1-1-valent electrolyte which dissociates 

according to* the scheme 

(653) 

For any concentration y the concentrations of and AB are 

respectively a:*y, oc^y, and (l—a*)y, where a* is the true degree of dis- 
sociation. The molar conductivity A is then given by 

A = (654) 

or writing A^ = (655) 

then A = a^A^.. (656) 

Davies uses Onsager’s equation (519) for A^, which gives for water 
at 25*" A A A (657) 

•]• In order to calculate Ka —pK Onsager uses the value 0*89 for the activity co- 
efficients / of all three electrolytes at y* = 0 * 01 , which agrees only approximately with 
more recent measurements. Onsager’s values of Kg, are therefore somewhat inaccurate. 
The slightly different values given in Table 49 were obtained by the author by repeating 
Onsager’s calculations. 

X See also Wien’s method, § 56. Measurements of departures from Beer’s law lead 
to values of the same order of magnitude for a*. (See v. Halban and Eisenbrand, 
Z, phys. Chem. 132 (1928), 412: also p. 313.) An interesting point has been raised 
by Ebert. While e.g. CUSO 4 obeys Beer’s law well, deviations are observed in the 
ultra-violet whicli may be related to the Onsager-Davies conception. (See R. Mecke 
and H. Ley, Z, /. anory. Chem, 173 (1928), 287.) It is therefore not safe to conclude 
that a system is chemically unchanged from its optical constancy in a particular range 
of wave-lengths. One can in fact use the sensitivity of a given absorption range to con- 
centration changes to obtain information about the situation of the absorbing centres, 
e.g. for CuSO^ they may lie deep in the ion Cu(H 20 ) 4 , so that ion association has no 
effect. 
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Davies’s method is thus only strictly correct when equation (657) holds, 
i.e. up to a concentration of a*y = 0-002. From (656) and (657) 

= A«-|AyjV227lA„+59-78). (658) 

Prom this relation may be obtained by a series of successive approxi- 
mations.f We first put A = Aoo in the term (Ay/A^)^ and calculate an 
approximate value of A^ from (658). This approximate value is intro- 
duced in the right-hand side of (658) and a second approximate value 
calculated. By continuing in this way a fairly accurate value for A^ 
(and hence from (656) for a*) may be rapidly obtained. As an example 
we shall take the weak electrolyte formic acid in water at 18^^. In this 
case Aoo == 364*5, and for y = 0*03208 the value A = 27*36 was ob- 
served. Calculation from (658) then gives A^ = 361, and for the true 
degree of dissociation a* = 0*0764. 

We now introduce the generalized law of mass action (133) 




(659) 




where the a’s are activities. If is the concentration of the ions and 
y^ the concentration of the undissociated molecules, then introducing 
the corresponding activity coefficients, 

Vi fA-fs-^ 

Yu Sab 

We have just seen that it is possible by making certain assumptions to 
calculate the true degree of dissociation a*, and hence y^ = od*y. We 




(660) 


therefore have 


Yu = (1— a*)y = y—Yv 


(661) 


It has been previously shown J that the values of and can be 
calculated from e.g. freezing-point measurements, as has been done by 
Lewis and his collaborators. cannot be obtained directly without 
knowing K^: we may, however, assume for dilute solutions 

fAB - 1, == y.* (^^2) 

This assumption is supported by the success of the ionic theory, which 
explains the variation in the activity of an ion as due entirely to its 
charge. There is thus no reason to suppose that the activity coefficient 
of a neutral molecule changes appreciably in dilute solution. Lewis and 
Bandall§ found that the activity coefficient of glycerine in aqueous 


t Also Schreiner {Z. anorg, Chzm, 115 (1921), 185) has pointed out that the degree 
of dissociation can be obtained from the conductivity by means of successive approxi- 
mations. J See p. 62. 

§ Lewis and Randall, Thermodynamics, p. 288, 



§55] DETEKMINATION OF TRUE DEGREE OF DISSOCIATION 303 
solution only changes from 1 to 1-006 in a concentration range 0-0*1 N. 
Similarly, Randall and Faileyf showed from a large amount of experi- 
mental material that the activity coefficients of neutral molecules in 
salt solutions vary very little, the effect being negligible in dilute solu- 
tions. If the electrolyte has a tendency to polymerization, the method 
outlined here will not give constant values for In exceptional cases 
of this kind, further investigation of the molecular state of the sub- 
stance is necessary. 



Fig. 97. Variation of the dissociation constant of monochloracetic acid with 

concentration. 

Assuming = 1, (660) becomes 

= Ka- (663) 

The Debye-Hiickel theory gives for dilute solutions (283") 

logio/i = (664) 

where A = 0-6 for water at 18°. Combining this with (66: 

logio^ = logio (665) 

V., 

Fig. 97 shows logio(10Vi/y«) plotted against 100Vy< for monochlor- 
acetic acidj the data being taken from recent accurate measurements by 

t M. Randall and C. E. Failey, Chem. Eev. 4 (1927), 271, 
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Mclnnes and his collaborators.f The theoretical value of 0*5 was found 
for J.. 

Data for salts in liquid ammonia, acetone, and benzonitrile show that 
all salts are fairly weak electrolytes in these solvents, J and it might be 
thought that Davies’s treatment could be applied in these cases. The 
difi&culty arises, however, that the Aoo-valnes are not accurately known; 
further, the Onsager equation is only vahd for a very limited concentra- 
tion range.§ Ostwald’s dilution law (74) can often be used for very 
weak electrolytes in non-aqueous solutions.|| Davies (loc. cit.) has 
attempted to determine the true degree of dissociation in more concen- 
trated solutions by employing an equation for the sum of the mobilities 
which differs from (657). The values thus obtained are, however, un- 
certain for several reasons; they also disagree with the values obtained 
by Nemst. 

'The method of Kraus and Fuoss. 

Kraus and Fuossft have recently evolved a very 'interesting method 
of applying the correction for the interionic forces and the law of mass 
action to conductivity data. Equations (578), (592), and (519) respec- 


tively can be written in the form 


ri.AOAoQ^f 

iogio/ ’ 

(665 a) 

_ rr 

1-a* 

(665 b) 


(665 c) 


t For references, see p. 196. The results of C. W. Davies are less accurate, since he 
employs a value of A differing from 0*5 (see the German edition of this book, p. 297). 
Davies has applied his method to a series of acids, the thallous salts, anfl aqueous 
solutions of 2'2-valent salts; his values of Ka show good constancy. See C. W. Davies, 
The Conductivity oj Solutions (New York 1930), p. 93; J. Chem. Soc. (1930) 2421 ; W. H. 
Banks, E. C. Righellato, and C. W. Davies, Trans. Farad. Soc. 27 (1931), 621. It may 
be noted that Bjerrum {Z. EleJctrochem. 24 (1918), 321) useci a similar method for calcu- 
lating the dissociation constant of picric acid, but made use of the c;ube-root law for the 
variation of the activity coefficient with concentration. Mclnnes (,/. A7n. Chern. Soc. 
48 (1926), 2068) treated weaker electrolytes in a similar way, apparently without know- 
ledge of Bjerrum’s work. M. Randall and C. F. Failey {Chern. Rev. 4 (1927), 305) have 
similarly obtained the values Ka = 1*39 Xl0~® and 5-53 X 10"^ for mono- and di-chlor- 
acetic acids at 25°. A. A. Noyes and M. S. Sherrill (J. Am. Chern. Soc. 48 (1926), 1861) 
have treated acids of medium strength in the same way, and find e.g. for the first dis- 
sociation of H 3 BO 4 Ka — 8*3 X 10'® at 18”. 

For references, see p. 205. 

§ See the next section. 

11 See e.g. H. Goldschmidt ancl H. Aarflot, Z.phys. Chem. 117 (1925), 312; 119 (1926), 
439; Goldschmidt and Aas, ibid. 112 (1924), 423. 

ft Fuoss and Kraus, J. Am. Chem. Soc. 55 (1933), 476. 
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■where jS" and a" are given by equations (596 d) and (596 e), and 8" is 
given by the equation 

_ ( SttJVs^ u 

\l,0002)o*^/ 

Equations (665a), (665b), and (665c) represent implicitly an expression 
for the molar conductmty A in terms of the concentration y. However, 
on account of the form of these equations, it is difficult to obtain an 
explicit solution. Introducing a new variable x by the equation 


1—0!=^ yf* 
~ K’ 


(665 d) 


it is possible to transform the equations to a more convenient form. We 

obtain oc'’K^xia.*i 

— = (665 e) 

(666 f) 


Ac AqqJ^ 

» P"EUxcc*)i 
f Ogio/ l^S‘'(a*y)i' 

By solving equation (665 d), we also have 


== 


( 1 - 


a* = {(l+4a;2)^— l}/2a;, 


(665 g) 


which for small values of x can be expanded as the series 
(x*(x) — l^x+2x^—5x^-\-14:X^—42x^-i-.,. . 

The values of Aoo and are obtained from the conductivity data in the 
following way. As a first approximation a* under the root in (665 c) is 
replaced by A/Aoo, giving 

ojHt' A/Aqo 

l-0L"A-%yAy 

This expression is then evaluated using a value for Aoo obtained by 
extrapolating the (A, y^) curve: this value need not be very accurate, 
since the final results are independent of the value initially assumed for 
Acx). This value for a***' is again substituted under the square root in 
(665c), and a second approximation obtained. By repeating this process, 
the values of finally converge to a constant value, which is substi- 
' tuted in (665 g) to give and in (665 a) to give fy^ is then plotted 
against x^. According to equation (665 d), this should give a straight line 
passing through the origin with a slope of K^. If the value chosen for 
Aco is greater than the true value, the (/y^, x^) curve will have a positive 
intercept on the axis. It is thus possible by interpolation to obtain 
the true value of Ace- The slope of the line thus obtained is then equal 
to A'l. Since the {fy^, curves (except in very dilute solutions) are very 

3595.7 p 
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nearly linear, it is sufficient to take only two suitable concentrations in 
the above calculations. When Aoo and are known, the conductivity 
curve is calculated as follows. The corresponding values of a*, and 
are obtained graphically or by means of tables in terms of x^. If 
now /logio/ is plotted against /, approximate values of / can be calcu- 
lated from the equation 

Using these values for /, approximate values of the concentration are 
calculated from the equation 


These values y' are then used to calculate the correction term in (665 f), 
from which a second set of approximate values can be obtained for / by 
the equation 

/ OgloJ l-f8"(yoi*)*’ 

This method of approximation converges rapidly, and when finally a 
constant set of values has been obtained for/, and A are calculated 
from equations (665 b) and (665 e). Pig. 97 a shows how well the calcu- 
lated curve agrees with the experimental points. The constants em- 
ployed are given in Table 50. 


Table 50 




II 

III 

IV 

V 

Solvent 

HgO 

NHs ! 

CsH.iOH 

CgH^Clg 

NHg 

Electrolyte 

HIO 3 1 

NaBrOg I 

Nal 

(C,H,,),NNO, 

KNHg 

C. 

25 

-33-5 ; 

25 

25 

-33-5 


78-57 

22 

16 

10-4 

22 


0-00895 

0-00256 

0-038 

0-00785 

0-00256 


148-75 

1052 

59-19 

500 

1191 


0-0153 

1*54 

2-80 

2-86 

1-26 


0-6044 

4-742 

5-517 

10-52 

4-742 

Aoo 

391-19 

286-2 

11-246 

65-8 

351-3 


0-1686 

0-00263 

0-00295 

0-00115 

0-000070 


Two limiting cases may be noted. If is very large, a* 1 and 
(665 c) reduces to Onsager's equation (652). In the other limiting case 
when is very small and hence a* < 1, (665 b) can be written (since 

yu*^ = K^. (665 h) 

Further in this case we have approximately 

* A 
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SO that (665 h) can be written 

yh? = 

Hence if we plot logm A against logj^y, a straight line of slope — ^ should 
be obtained. This corresponds to what is actually found. As an example, 
Fig. 97 B shows the conductivity curvesf for tetraisoamylammonium 



Fig, 97 a. Comparison of conductivity data with the 
theory of Kraus and Fuoss. 

nitrate in mixtures of dioxane — 2-2) and water (Dq = 78). The 
percentage water by weight is shown below the corresponding curves. 
The slope of the curves at low concentrations approaches the theoretical 
value of —0-6, indicated on the figure by straight fines. 

In another paper, Kraus and FuossJ have applied the mass law and 
the correction for interionic forces to conductivity data for a number of 
other salts and solvents, and showed that their treatment represented 
the conductivity curves well. The dissociation constant is a unique 
function of the dielectric constant of the solvent and the parameter a 

‘I’ From measurements by Kraus and Fuoss, <7. Am. Ch&77i. Soc. 5B (1933), 26, 

$ Fuoss and Kraus, J. Am, Chem. Soc. 55 (1933), 476. 
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corresponding to the ionic diameter/f* Bjerrum’s conception of ion 
pairs agrees well with the observed values, a depends on the properties 
of the electrolyte and those of the solvent, and is roughly an additive 
function of the ions present. Fuoss and Kraus have also succeeded in 
obtaining a quantitative interpretation of conductivities in solvents of 
dielectric constant less than 10, in which a minimum point appears in 
the conductivity curve. 



Fig. 97 b. The conductivity of tetraisoamylammonium 
nitrate in dioxane-water mixtures. 

56. Wien’s Method for determining the True Degree of 
Dissociation 

The considerations in this paragraph are based on unpublished work by 
M. Wien, which he has kindly communicated to the author. Like 
Davies’s theory, Wien’s treatment depends upon the validity of the 
limiting laws, and is hence only approximately correct for solutions of 
finite concentration. 

A. Wien^s first method. 

This method is essentially the same as the treatment of Davies 
described in the preceding paragraph, but employs a different method of 
t Fuoss and Kraus, J. Am. Chem. Soc. 55 (1933), 1019. 
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calculation. If A* and y* are the equivalent conductivity and equiva- 
lent concentration respectively, and a* = yf/y* then (656) and (657) 
become . 

^ = a.^{l-^(cc*y^)i}, ( 666 ) 

•^^00 

where ^ may be calculated from the Debye-Onsager theory by (522). 
Equation (666) expresses the fact that the equivalent conductivity is 
decreased in two ways by increasing the concentration; firstly by the 
relative decrease in the number of ions, and secondly by the decrease 
in the velocities of the ions due to the Debye effect. Equation (666) is 
a cubic in a*: writing , 



it becomes + ~ = 0. 

A* A* 

This is of the form == 0, 

and provided that > 21 the solution is 

where sin 3?^ = | ^ ^ == ^ (sy* 

^ 2p Vj) 2 \ ^ A*j 

We shall now give some applications of this treatment. We shall not 
deal with strong electrolytes, for which the degree of dissociation is very 
near unity, and hence the plot of A* against Vy* lies very near the 
theoretical Debye-Onsager straight line.f This is the case for NaCl and 
C 0 CI 2 in water; for MgSO^ the initial part of the (Aa,, Vy) curve is steeper 
than the calculated line, which is probably connected with the uncer- 
tainty of determinations at great dilutions. It is characteristic of all 
these curves that they lie above the Debye-Onsager limiting straight 
line. 

We shall also exclude from consideration the case of weak acids in 
water. Although they are strongly associated, the Debye effect is of 
little importance at the ionic concentrations involved, since most of the 
acids are 1-1 -valent. 

There are, however, a large number of solutions in non-aqueous 
solvents (such as the alcohols and acetone) in which both effects are 
simultaneously of importance. As examples of the calculation of the 
true degree of dissociation we shall take the strongly associated solu- 
tions LiBr in acetone and CoClg in ethyl alcohol. Eig. 98 shows the 

t See p. 192. 
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results for LiBr. The lowest curve gives the values of A*/A* obtained 
by the ordinary method of calculation, and the dotted line above it 
gives the true degree of dissociation. The straight line is calculated from 
the Debye-Onsager equation (519), and the uppermost dotted line is 
the Debye curve corrected according to (666), As an example of the 
calculation, take the point y* 0*01. A*/A* = 0*257, which gives 
from (667) a* = 0*335, using the values for acetone Dq = 20*5 and 



rjQ = 0*0037, and hence from (522), j8 = 4*1. Table 51 gives the results 
for C 0 CI 2 in ethyl alcohol, for which case p = 6*25. 

Table 5 1 


Vy * 

(—) 

\ A * 1 

calc. 

a* 

Dehye-Onsager 
limiting law 

Corrected Debye- 
Onsager law 

0*01 

0-640 

0-670 

0-938 

0-948 

0*02 

0-460 

0-515 

0-873 

0-907 

0*03 

0-365 

0-426 

0-811 

0-870 

0*04 

0-308 

0-369 

0*750 

0-835 

0*05 

0-270 

0-332 

0-688 

0-805 

0-075 

0-221 

0*299 

0-530 

0-735 

0-10 

0-187 

0*290 

0-375 

0-663 

0-12 

0-166 

0-275 

0-250 

0-610 

0-14 

0-150 

0*262 

0-130 

0-556 


In both these examples the true degrees of dissociation are consider- 
ably greater than the values calculated by the classical Arrhenius theory. 
Similarly, the curve for the coiTected Debye effect lies higher than the 
uncorrected curve; i.e. the effect is decreased by the decrease in the 
ionic concentration. 
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B. Wien's method for determining the true degree of dissociation from the 

Dehye-Falhenhagen dielectric constant effect. 

The preceding calculations are subject to uncertainty for two reasons, 
which are particularly important for polyvalent ions and strongly 
associated electrolytes. In the first place the value of Aoo is often un- 
uncertain. Secondly, the electrophoretic effect has been little investi- 
gated: for the solvents dealt with above it constitutes the greater part 
of the Debye effect and is subject to further uncertainty because it 
involves Aoo (see (519) and (522)). It is therefore of special interest that 
other methods exist for determining the true ionic concentration. Debye 
and Dalkenhagenf have shown that the presence of ions changes the 
dielectric constant according to a square-root law. Electrophoresis plays 
no part in this effect, and there is no uncertainty due to A^o- On the 
other hand, the effect of concentration upon the dielectric constant is 
comparatively small and difiicult to measure. It is also dependent upon 
the frequency, except in the regions of high concentrations and long 
wave-lengths. This introduces a great difficulty, since the methods for 
measuring the dielectric constant fail for high concentrations (i.e. high 
conductivities) and become more difficult the longer the wave-length. 
However, in cases where other methods fail, the alteration in dielectric 
constant may give some information about the true degree of dis- 
sociation. 

As an example we shall calculate the degree of dissociation of LiBr 
at two concentrations in acetone, by comparing with KI, which is 
practically completely dissociated in acetone. (539') gives for sym- 
metrical electrolytes at 18° 



( 668 ) 

(669) 


Measurements with a wave-length of 10 m. using the barretter method 
give for LiBr relative to KI 

y* = 0-0069 Ao = 2-8X 10-* ^ 0-0163 

-^0 

y* = 0-06 Ao = 9 X 10-* = 0-048. 

Do 


t Se© p. 220. 
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Taking into account the theoretical dependence upon the frequency 
(equation (538)) we obtain for y* = 0*0069 the value 

^ 0-017, 

which with (669) gives 

yf = 0*0022 i.e. a* = 0*33. 

For the second concentration = 0*06 we get similarly 
y* = 0*0176 i.e. a* = 0*29. 

These values fit fairly well into the curve obtained by the first method, 
and may be considered quite satisfactory considering the difficulties 
associated with dielectric constant measurements. 

Results of the right order of magnitude are also obtained for the 
degree of dissociation of CoClg, but in this case no reliable comparison 
can be made, since the experimental values of A* and A* are very 
inaccurate. 

O'. Degree of dissociation and field effect. 

The presence of ionic association can also be detected by the fact that 
the field effect will exceed the normal effect predicted by the Debye- 
Onsager-Blumentritt theory. This abnormal field effectf is due to the 
increase of dissociation caused by the powerful electric field. If the 
abnormal effect is considerably greater than the normal effect, this may 
be safely attributed to association. If, however, dissociation is almost 
complete (especially in concentrated aqueous solutions) the increase 
cannot be detected with certainty, since Debye’s theory is not suffici- 
ently valid for more concentrated solutions. No conclusions can be 
drawn from the form of the curve, since the same type of curve is 
obtained for the normal field effect and the dissociation field effect. 
The two effects are superimposed and are difficult to separate. It is 
therefore not yet possible to make any quantitative deductions about 
the degree of dissociation from the abnormal field effect. These con- 
siderations of Wien do, however, open up an interesting field for further 
investigation. 

57. The Determination of the Degree of Dissociation of 
Electrolytic Solutions from their Optical Properties 

In connexion with the above methods for studying the true degree of 
dissociation, it is of interest to consider what information can be 
obtained by measurements of optical properties, i.e. absorption spectra, 

t Seep. 240. 
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refractive indices and Raman spectra. We may hope that such methods 
may enable us to differentiate between the dissociated and undissociated 
fractions in an electrolytic solution, and hence to measure the true 
degree of dissociation. Although the problem is by no means solved,*}* 
it offers a fruitful field for future investigations. 

A. The absorption spectra of strong electrolytes {Bjerrum, v, Halhan, 

J., Branch, Ebert, Scheibe and Eisenbrand, Gross and Goldstern, 

Fromherz and collaborators.) 

Many indicators, e.g. litmus and phenolphthalein, undergo colour 
changes under certain circumstances. These visible optical changes can 
often be attributed to the dissociation of molecules into free ions, often 
caused merely by dilution. While weak electrolytes often exhibit con- 
siderable optical effects upon changing the concentration, Bjerrmn J and 
Hantzsch§ were able to show that the colour and absorption spectra 
of strong electrolytes hardly change in the dilute range. This fact led 
Bjerrum to the view that strong electrolytes are completely dissociated, 
their theimiodynamical and electrical behaviour being attributed to 
interionic effects. As we have previously shown, this idea has proved 
extremely fruitful in dilute solutions, especially in the hands of Debye. 
According to Bjerrum, the extinction coefficient of a strong electro- 
lyte for a given wave-length has a constant value. 1| H. v. Halban and 
Ebert and Gross and Goldsternf *[* have recently worked on the optical 

f For a critical study of the subject, see M. B. Jacobs and C. V. King, J, Phys. Chem. 
34 (1930), 1013, 1303. 

X N. Bjerrum, D. Kgl. Dansk Vid. SeUk. 4 (1906), 1. For further literature, see the 
review by H, Ley, Handh. d. Physik. v. Qeiger-Scheel, 21 (1929), 1. Both the optical 
rotation (P. Walden, Monatsh. 53-4 (1929), 14) and the refractivity (see p. 316) of salts 
remain very constant when the concentration is changed. Since the optical activity is 
in general very susceptible to disturbances (see W. Kuhn and K. Freudenberg, Hand’ u. 
Jahrbuch d. chem. Physik^ 8, 111, Leipzig 1932), Walden’s discovery is very good evidence 
for complete dissociation, since e.g. the formation of complexes by the ions should be 
detectable by this means. 

§ A. Hantzsch and collaborators in Ber., Z. phys. Chem., and Z. Elektrochem. from 
1906 onwards. 

II These conclusions are only valid on the assumption that the absorption observed 
originates in a simple ion. A constant absorption is in general no proof that the ions 
give no complex chemical reaction with increasing concentration, since the absorption 
may take place in a part of the molecule far removed from the part which undergoes 
chemical reaction. A complex chemical process may thus remain undetected owing to 
the restriction of the experimental conditions to too narrow a field, 

*j"j‘ P. Gross and A. Goldstern, Monatsh. 55 (1930), 316; Gross, Goldstern, and P. Kuz- 
many, Z. Elektrochem. 36 (1930), 786. These authors have used the square-root law 
(283') for the logarithm of the activity coefficient, while v. Halban and Ebert {Z. phys. 
Chem. 112 (1924), 359) used the cube-root law, which is without theoretical founda- 
tions. 
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determination of electrolytic dissociation in very dilute solutions. They 
investigated lithium picrate and picric acid in ethyl alcohol, using a 
wave-length of 436 /iju. In agreement with Bjerrum’s view, it was found 
that the extinction coefficient for lithium picrate is practically constant 
over the whole concentration range. Picric acid, on the other hand, 
exhibited a large increase in extinction coefficient with increasing con- 
centration. There is a relation between the extinction coefficient and 
the degree of dissociation, and since the latter is connected by the 
generalized law of mass action (133) with the activity coefficients of 
the ions, it should be possible to deduce the degree of dissociation 
from measurements of the extinction coefficient. Gross and Goldstem 
used the equations of Debye’s theory for the activity coefficients of 
the ions, 

H. V. Halban and Ebert, f Scheibe,{ IIantzsch,§ and v. Halban and 
Eisenbrandll have shown that at high concentrations the optical pro- 
perties of strong electrolytes vary slightly with the concentration. This 
variation is fairly marked in the range above 1 N. where the thermo- 
dynamic and electrical phenomena can no longer be accounted for by 
Debye’s theory. H. v. Halban has introduced an important criterion for 
deciding whether or not undissociated molecules are present. We 
assume that both the free ions and the undissociated molecules possess 
characteristic absorption spectra, and that the curves representing the 
extinction coefficients of these spectra intersect at a certain wave-length. 
If we now gradually dilute the solution, more and more molecules will 
dissociate into ions, and hence the absorption spectrum of the solution 
(always referred to one mole of the solute) will gradually change from 
the molecule spectrum to the ion spectrum. The resulting extinction 
coefficients will consequently change continuously for all wave-lengths 
except the wave-lengths corresponding to the point of intersection of 
the two separate curves, where it will remain unaltered. H. v. Halban’ s 
results show approximately this behaviour, and hence lend strong 
support to the assumption that definite changes of molecular state take 
place. It cannot, however, be maintained that the experimental material 
at present available proves quite conclusively the existence of undis- 
sociated molecules in solutions of strong electrolytes. 

The absorption spectra of the alkali and alkaline earth halides have 

t BC. V. Halban and L. Ebert, Z. phys. Chem. 112 (1024), 321 ; v. Halban, ibid. 120 
(1926), 268; Z. EUktroclmn, 34 (1928), 489. 

X G. Scheibe, Z. Elektrochem. 34 (1928), 497. 

§ A. Hantzsch, Ber. 58 (1925), 941 ; 59 (1926), 1106. 

II H. V. Halban and J. Eisenbrand, Z, phys. Chem. 132 (1928), 401, 433. 
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recently been investigated by Scheibef and by Fromherz.J These 
authors came to the important conclusion that the association of the 
alkali and alkaline earth halides in aqueous solution consists chiefly of 
the formation of aggregates caused by the interionic forces, as pictured 
by Bjerrum. This conclusion is based on the following evidence. The 
absorption spectra of the alkah halides have been investigated in the 
vapour state by Franck, Kuhn, and Rollefson.§ It was found e.g. that 
the iodides exhibit two absorption bands at 324 mfi and 270 mju,. The 
distance between these two bands corresponds to the difference in 
energy between the stable and metastable iodine atoms. In aqueous 
solutions more dilute than 1 N., two distinct absorption bands were 
again observed, with maxima at 226 and 194 mja. The corresponding 
energy difference agrees very nearly with that in the vapour state. On 
the basis of this analogy, Franck and Scheibe were able to show that 
the spectrum of a halogen ion in aqueous solutiop. is an electron aflOnity 
spectrum, the differences in the two cases quoted above being due to the 
effect of solvation upon the electron affinity spectrum of the iodine 
ion.|i It is therefore probable that in this limiting case the ions associate 
by the action of the interionic forces without changing their electron 
shells, giving rise to non-stoichiometric and continually changing 
swarms. If the gaseous molecule forms in solution a molecule-like pro- 
duct (Kal. aq.) we should expect this to possess an absorption band 
between 324 mp and 226 m/x. No such band is actually observed. 

There are, of course, also cases in which a more powerful interaction 
causes a larger spectral displacement, due to a change in the electron 
terms. 

Finally, yet stronger interaction will give rise to molecular vibrations, 
and hence to the appearance of new bands between the infra-red and 

t Loc. cit. ; see also E. Lederle, Z. phys. Chem. 10 B (1930), 121. 

X H. Fromherz and W. Menscliick, Z. phys, Chem. 7 B (1930), 439; H. Diamond and 
H. Fromherz, ibid. 9B (1930), 289. 

§ J. Franck, H. Kuhn, and G. Rollefson, Z.f. Phys. 43 (1927), 155; cf. also Franck, 
Z. phys. Chem., Haber-Band, 22 (1928). 

11 Other interesting examples have been discussed by S. Kato {Sci. Fajyers Inst. Phys. 
and Chem. Res. Tokio, 6 (1927) ; 12 (1930), 230; 15 (1931), 161). It is interesting to note 
that K. Butkow {Z.f. Phys. 63 (1930), 71) has observed the photoelectric effect pre- 
dicted by Franck and Scheibe, corresponding to the processes 

X--i-hv^ == X-j- electron 
= X*-l- electron, 

where and are the frequencies of the two absorption maxima, X“ the halogen ion, 
X the neutral atom, and X* the metastable state of the halogen atom. The observed 
photoelectric thresholds agree well with the edges of the absorption bands of the halo- 
gen ions. 
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the ultra-violet, as well as aew Raman lines. f Examples of this be- 
haviour have been found in the halides of lead and thallium by Fromherz 
and Kun-Hou-Lih.J 


B. Befractometric investigations {Fajans, Kohner, and Geffcken). 

The assumption of the existence of undissociated molecules appears 
also to be supported by the refractometric investigations of Fajans, 
Kohner, and Geffcken.§ For most of the numerous electrolytes which 
he investigated, Heydweiller|| was not able to detect any variation of 
refractivity with concentration in dilute solutions. The refractivity is 
defined as the value per mole of the Lorentz-Lorenz expression 




n^+2d 



(670) 


where n is the refractive index, Q the molecular weight, d the density, 
N Loschmidt’s number, and the polarizability of the molecule, which 
is a measure of the deformability of the electron shells by an electric 
field. Fajans and his collaborators found that at higher concentrations 
the refractivity depends slightly upon the concentration. Before dealing 
with this point, we shall describe Fajans’s views on the deformation of 
ions. Fig. 99 illustrates the diagram given by Fajans and Joosff for the 
refractivities of the free gaseous ions as a function of the atomic number. 
The refractivity is a measure of the deformability of the electronic 
system of the ion, which may undergo a change in its equilibrium 
electrical distribution when subjected to an electric field. If we compare 
the value of B for iodine with that for fluorine or chlorine, it is seen that 
the refractivity is greater the more loosely the outer electrons are bound, 
or, to employ a rough picture, the larger the ion. Fig. 99 also shows 
that the electron shells of the anions Cl”, Br~, etc. are bound more 
firmly by the presence of a neighbouring cation, since on passing from 
01““ to HCl the refractivity decreases. The more firmly the electrons in 
the anion are bound, the greater will be this decrease in refractivity. 
Thus conversion of the I” ion to HI is accompanied by a much greater 
decrease in refractivity than the conversion of Cl” into HCL The 
stronger the electric field of the cation, i.e. the smaller its radius and the 


t See p. 322. 

X H. Fromherz and Kim-Hou-Lih, Z.phys. Chem. 153 A (1931), 321. 

§ For literature, see K. Fajans, Z. Elektrochem. 34 (1928), 502. Cf. also P. Holemarm 
and H. Kohner, Z. phys. Chem. 13 B (1931), 338; Fajans, Z. Shibata, and P. Holemann, 
ibid. 347, 354. 

11 A. Heydweiller, Phys. Z. 26 (1925), 526. 

tt K. Fajans and G. Joos, Z.f. Phys. 23 (1924), 1. 
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higher its charge, the more firmly will the electrons in the anion he 
bonnd. This may also be easily demonstrated by examples. On the 
other hand, the electron shells of a cation will be repelled and loosened 
by the electric field of the anion. In practice these two effects will be 
superimposed, the negative effect being usually predominant. The 
combination of ions to form crystals or molecules is thus usually accom- 
panied by a decrease of refractivity, since the binding effect of the 
cation usually exceeds the loosening effect of the anion. This is illus- 
trated by Fig. 100, which shows the total change in refractivity in 



Fig. 99. The refractivities of the ions. 

passing from the gaseous ion to the solid crystal. In the case of the large 
anions Br- and 1 “ a large decrease in refractivity takes place. The 
binding of the electrons is naturally stronger the more deformable the 
anion and the smaller the cation. For large cations such as Ilb+ com- 
bined with small anions such as F' the reverse positive effect comes into 
prominence, with the result that for KF and RbF a total positive effect 
is found. The compounds of the alkaline earth metals with the elements 
of the oxygen group and the alkaline earth fluorides show similar 
sequences, as is shown by Fig. 101 and Table 52 . 

We shall now deal with the variation of the refractivity with the con- 
centration in aqueous solutions of salts. Thus IICIO4 is completely 
dissociated in very dilute aqueous solution, and has a refractivity 
H = 12 - 65 . In the pure liquid state, i.e. 100 per cent, solution, on the 
other hand, the acid is largely undissociated, and has a refractivity 
B = 13 * 25 . The problem now arises of how we are to interpret this 
change of +0*6 unit of refractivity which accompanies the transition 
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from a very dilute solution of perchloric acid to the pure acid. The 
H+ nucleus has no electrons, and hence contributes nothing to the re- 
fractivity. From the above considerations, we should expect that the 
hydrogen nucleus will cause a closer binding of the electrons in the 
anion, which will lead to a decrease in refraction. On the other hand, it 
must he remembered that the small hydrogen ion will exert a binding 
influence upon the surrounding water molecules, which will also cause 



Fig. 100. The difference in the refractivities Fig. 101. The difference in tiio rofraetivities 
of ions in the crystalline and gaseous states, of ions in the crystalline and gaseous states. 


a decrease in the refraction. The free hydrated ion causes a negative 
refractivity of — 0*6 unit (see column 2, Table 53). If now undis- 
sociated molecules are formed, the H+ ion will (at least partially) lose 
its water of hydration, and in doing so will make a positive contribution 
to the refractivity of -f-0-6 unit. The total change may thus be either 
positive or negative, according to whether or not the negative effect 
due to the binding of the electrons in the anion outweighs the positive 
effect due to the dehydration of the hydrogen ion. The fifth column 
in Table 53 shows that the total change in refractivity is negative for 
most of the acids taken, and especially so for the large halogen ions. 
Perchloric acid, on the other hand, exhibits a total positive effect, since 
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the CIO 4 ion has a low deforraability, and hence the positive effect 
caused by the dehydration of the hydrogen ions predominates. 


Table 62 
Refractivity for the 

D~line. 


MgFa 

CaP^^ 

SrP, 

BaFg 

4-84 

6-39 


10*08 

5-28 

6*33 

7*24 

9*24 

-0*44 

+ 0-06 


+ 0*80 


Table 53 


Acid 

•^JOr+diss. 



AR 

undiss. 

AR 

[NaX5^-(Na++X-0oo] 

HI 

-0*6 

19*24 

18*64 

-4*90 

13*74 

-0*226 

HBr 

-0*6 I 

12*67 

12*07 

—2*93 

9*14 

-0*085 

HCl 

-0*6 

9*07 

8*47 

-1*80 

6*67 

-0*053 

HAc 

-0*6 

14*36 

13*76 

-0*74 

I 13-02 

-0*05 

HNO3 

_0*6 ! 

11*01 

10*41 

-0*4 

10*0 

-0*027 


-0*6 

7*42 

6*82 

-0*07 

6*75 

-0*0 

HCIO4 

-0*6 

13*25 

12*65 

-l-0*6 

j 13*20 

+ 0*042 


rig. 102 , which is taken from the work of Fajans, Kohner, and 
Geffckenf shows that small changes in refractivity also take place in 
concentrated salt solutions. In the experimental investigations the 
refractive index and density of salt solutions above 2 N. were measured. 
By subtracting the refractivity of the water a value is obtained for the 
refractivity of the dissolved salt, which includes the hydration effect. 
These refractivities were extrapolated to infinite dilution, and it was 
found that the extrapolated values were additive with respect to the 
single ions, to within one unit in the second decimal place. This is 
illustrated by Table 54, which gives the observed refractivity at infinite 
dilution for the Ddine for a number of salts, and also the values obtained 
by assuming certain additive values for the single ions. The agreement 
is excellent. 

Table 54 

Hefractivity (D-line) per gram-equivalent at infinite dilution. 


KCl 

NH 4 CI 

KNO 3 

NaNOg 

A1(C104)3 

11*31 

13*37 

13*23 

11*21 

12*43 

11*31 

13*35 

13*25 

11*21 

12*40 


Fig. 102 shows the differences between the observed refractivities at 
t K. Fajans, H. Kohner, and W. Geffcken, Z, JElektroche)>i. 34 (1928), 1. 
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higher concentrations and the extrapolated infinite dilution values, 
expressed as units in the second place of decimals of the refractivity. 
Analogously to the case of the union of ions to form a crystal, 



Z •i 6 8 10 


Cone, in e(js. per lOOOg ' 

Pig. 102. The refractive index of salt solutions. 

exhibits an increase of refractivity with increasing concentration, and 
LiCl a decrease. This analogy also holds good e.g. for NaC 104 and Nal. 
Thus in passing from infinite dilution to saturated solution, the re- 
fractivity of KF increases by 0*13 unit, while that of Nal decreases by 
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more than 0-3 unit. It is of interest to compare these results with those 
previously dealt with for solutions of acids and the formation of crystals. 
Some results for the sodium salts of the acids in Table 53 are given in 
column 7, which contains the difference between the refractivities of 
these salts at infinite dilution and in 5 N. solution. There is an obvious 
parallelism between columns 5 and 7 of Table 53, both as regards the 
order and the sign of the differences in refractivity. Fajans concludes 
from this fact that the salts as well as the acids give rise to some un- 
dissociated molecules in solution. As we have previously shown, the 
same parallelism exists between the results for crystals and salt solu- 
tions (cf. Figs. 100 and 102). Fajans therefore concludes that the 
optical effects observed in solution are due to direct contact between 
pairs of oppositely charged ions, i.e. to a partial association to undis- 
sociated molecules. In his opinion the variation of refractivity with 
concentration would not reach the observed values if it were caused by 
pairs of ions separated by a water molecule. It may be objected that 
these changes in refraction may be due to the interionic forces. Fajans 
has, however, estimated the probable magnitude of this interionic effect 
and finds that it is too small to account for the observed changes in 
refractivity. Thus if we consider a 5 N. Nal solution, and imagine as 
a first approximation that the ions are distributed through the solution 
in the form of a lattice, the mean distance between two ions will be 
5-5 A. The corresponding distance in the crystal is 3*2 A, i.e. 1*7 times 
smaller than in the solution. Experimental evidence shows that the 
decrease in refractivity is inversely proportional to the fourth power 
of the interionic distance. A decrease of the distance by a factor of 1*7 
will therefore make the lowering of refractivity {in vacuo) 8*3 times 
smaller than it is in the crystal. The value in this case will be (see 
Fig. 102) 2-67/8*3 = 0*32. This value is still too high, since the attractive 
forces in solution will be reduced greatly by the intervening water mole- 
cules. If we take the very small value — 5 (in place of the macroscopic 
value Z)q == 80) the calculated value for the decrease in refractivity 
becomes 0*06. The observed value is considerably greater, namely 
—0*27. Taking into consideration the partial dehydration of the ions, 
i.e. the optical effects in the water sheath which accompany the process 
of association, will change the value 0*06 in a positive direction, and 
hence cause it to deviate still more from the observed value — 0*27. 
Fajans therefore considers that concentrated solutions contain appreci- 
able amounts of association products in which there are no water mole- 
cules between the ions. At the moment it is impossible to say anything 

3595.7 T t 
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more definite on this subject. f It is quite possible that valuable informa- 
tion about the structure of electrolyte solutions may be obtained by the 
method recently developed by Debye for studying the structure of 
liquids and gases by means of X-rays and electron rays. 

C. The Raman ejfect and the structure of electrolytic solutions. % 

Attempts have recently been made to elucidate the structure of 
electrolyte solutions by means of the Raman effect. This effect was 
predicted some years ago by Smekal, Ej*amers, and HeisenbergJ and 
was discovered experimentally in 1928 by Raman|| and almost simul- 
taneously by Landsberg and Mandelstam.f f If monochromatic light of 
frequency falls on a substance, the scattered light contains not only 
the original frequency Vq but also light of a different frequency v^. The 
energy of the exciting line is hv^^ and the energy of the emitted Raman 
line is Tlie difference ( 671 ) 

is hence the amount of energy taken up by the molecule during the 
process of scattering. This energy hv is used in exciting the vibrations 
of the atoms or groups of atoms in the scattering molecule. Amounts 
of energy of this order of magnitude are also involved in the infra-red 
part of the spectrum, and have long been interpreted as due to intra- 
molecular vibrations of atoms or groups of atoms. The Raman effect 
should thus in suitable cases enable a study of the phenomena of electro- 
lytic dissociation by measuring the intensity of the Raman Hnes. We 
suppose that the electrolyte is AB and that B gives rise to a Raman line. 

t It should be noted that it is possible to obtain an approximate value for the degree 
of dissociation of weak electrolytes from refractometric measurements. Acetic and 
dichloracetic acids have been treated in this way by Schreiner {Z. phya. Chem. 133 
(1928), 420) and trichloracetic acid by Frivold {Abhandl. Norsk. Videnak. Akad. Oslo, 
No. 12 (1932)). The formula used by Schreiner assumes that the refractivity of a solu- 
tion is an additive function for the constituents of the solution. For dichloracetic acid 
the dissociation constant found refractometrically differs considerably from that ob- 
tained by other methods. The Raman effect has not yet provided any information in 
this respect (see next section). Present experimental methods do not permit of a sharp 
distinction between ion-pairs held together by electrostatic force.s and association pro- 
ducts involving chemical forces, though the latter appear to be present in weak electro- 
lytes. 

J An excellent review with numerous references to the literature has been given by 
L. A. Woodward, Phya. Z. 32 (1931), 777. 

§ A. Smekal, Naturwiss. 11 (1923), SIZiZ.J. Phys. 32 (1925), 241 ; H. A. Kramers and 
W. Heisenberg, Z.f. Phys. 31 (1925), 681. 

11 C. V. Raman, Ind. J. Phys. 2 (1928) 387. For summaries of recent literature, see 
S. Bhagavantam, The Baman Ejfect (Calcutta University Press) ; C. Schaefer and F. 
Matossi, Fortschr. d. Chem.f Phys. u. phya, Chem. (Berlin 1930); F. Kohlrausch, Der 
SmekahBamanejJeht (Berlin 1931). 

tt Gr. Landsberg and L. Mandelstam, Z.J. Phya. 50 (1928), 769. 
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Then if (N^)y is the number of B ions present at a concentration y and 
(«^)y intensity of the Raman line at the same concentration, then 

i^B)y = const. (J^)y. (672) 

If the corresponding quantities at infinite dilution are and 
then the true degree of dissociation is given by 



Fig. 103* The Raman effect of nitric acid solutions - 


Measurements of the intensity of Raman lines at different concentra- 
tions should thus make it possible to determine the degree of dissociation 
provided that matters are as simple as we have assumed above. It 
should be possible to develop a precision method on these lines. Raof 
and Woodwardf have recently carried out such intensity measurements 
with nitric acid. Fig. 103 shows the behaviour of the line having a wave- 
number difference 1,050 cm. at different concentrations. Figs. 103 a, 
B, c, and B correspond to concentrations of 1*5, 5*2, 9-6, and 14 moles 

t I. R. Rao, Nature, 124 (1929), 762; Proc. Roy, Soc, 127 A (1930), 279. 

t L. A. Woodward, Phys. Z, 32 (1931), 212. 
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per litre, using the same exposure, and it is seen that the intensity of 
the line of the nitrate ion ( 4 ^ ) first increases to a maximum and then 
exhibits an abnormal decrease. This behaviour is undoubtedly due to 
the decrease in the degree of ionization with increasing concentration. 
The other hnes (Av = 961, 697, 643 cm.-^) belong to the HNO^ molecule 
and not to the ion. They had been previously observed in HNO 3 , 
NaNOg, and NH 4 NO 3 by Carelli, Pringsheim, and Eosenf who ascribed 
them to the ion. H 2 SO 4 solutions have been studied by Bell and 
Fredrickson, t Msi,§ and more accurately by Woodward (loc. cit.), who 
succeeded in recognizing the two stages of ionization. At very high 
concentrations a Raman hue Av = 1,046 appears, which must be 
attributed to the HSO^ ion, and which is also observed in KHSO 4 
solutions. At a concentration of 25 vol. per cent, a line appears 
(Av = 987 cm.~^) which belongs to the ion, and is also found in 
solutions of all normal sulphates.|| It is important to note that the work 
of a number of investigatorsft has shown that many simple electrolyte 
exhibit no Raman effect due to tmdissociated molecules, which agrees 
with modem theories of complete dissociation. The undissociated 
molecules which many theories assume to be present in a concen- 
trated solution of e.g. KCl have not yet been detected by means of 
the Raman effect. This is in complete contradiction to Nemst’s 
conclusions. 

Special interest attaches to the investigation of the Raman effect of 
comparatively weak electrolytes. WoodwardJJ has carried out such 
measurements with HgCla and Hg( 0 N) 2 , which are only slightly dis- 
sociated. On account of the low solubility of these salts, rather weak 
Raman lines were obtained. Woodward first investigated a saturated 
solution of HgClg, which is 0*2 N. A Raman line was found at Av == 320 
cm.~^ This proves the existence of undissociated HgCla molecules, 

t A. Carelli, P. Pringsheim, and Rosen, Z.J. Phys. 51 (1928), 511. 

X R. M. Bell and W. R. Predrickson, Nature, 125 (1930), 892. 

§ H. Nisi, Jap. J. Phys. 5 (1929), 119. 

11 See e.g- Table (4), A. Hollaender and J. W. Williams, Phys. Rev. 38 (1931), 1739. 

tt Carelli, Pringsheim, and Rosen, loc. cit. ; P. Pringsheim and M. Yost, Z.f. Phys. 58 
(1929), 1 ; R. G. Dickenson and R. T. Dillon, Proc. Nat. Acad. Am,. 15 (1924), 334; J. N. 
Mukherjee and Sen-Gupta, Ind. J. Phys. 3 (1927-8), 503; A. M. Taylor, Farad. Soc. 
Discussion, Sept. 1929, p. 830; Bell and Fredrickson, loc. cit.; P. Daiiro, Ann. d. Phys. 
12 (1929), 375; W. Gerlach, Naturwiss. 18 (1930), 182; Nature, 125 (1930), 819; Ann. d. 
Phys. 5 (1930), 196; Phys. Z. 31 (1930), 695; W. D. Harkins, D. M. Gans, and H. E. 
Bowers, Nature, 125 (1930), 464; E. L. Kinsey, Phys. Rev. 35 (1930), 284; I. Kishi, 
Mem. Coll. 8ei. Kyoto, 13 A (1930), 163; M. Leontowitsch, Z.f. Phys. 54 (1929), 155; 
H. Nisi loc. cit.; C. Ramaswamy, Ind. J. Phys. 5 (1930), 193. 

tt L. A. Woodward, Phys. Z. 31 (1930), 792. 
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since if they were completely dissociated into ions, no Raman effect 
would be possible, just as in the case of KCh Matters are a little more 
complicated for Hg(CISr) 2 , since the CN group itself gives a Raman effect. 
Thus a concentrated solution of KCN (7N.) gives a line 2,081 cm.“^ 
which must be attributed to the ionized CN group. Dadieu and 
Kohlrauschf found a somewhat greater value (Ay = 2,200 cmr^) for 
the combined CN group. Woodward found for 0-35 N. Hg(CN )2 the 
value 2,195 cm.”^ which agrees well with the figure given by Dadieu 
and Kohlrausch, and hence leads to the conclusion that Hg(CN )2 is 
present chiefly in the undissociated form. 


58. Bronsted’s Principle of the Specific Interaction of Ions 

Previous to Debye’s theory of electrolytes, BronstedJ had put forward 
an interesting empirical theory which he termed the principle of the 
specific interaction of ions. We may begin by considering the principle 
of the independent activity coefScients of ions, first stated by G. N. 
Lewis§ according to which e.g. the activity coefficient of KCl in 
mixtures of KCl and NaCl has a constant value, provided that the total 
molality is kept constant. Lewis and Randall themselves recognized 
that this hypothesis is only approximately valid. Thus it was found 
that at equal concentrations, /^aa ^ /e:ci> while at least for dilute 
solutions (below 0*1 N.) = /kio, /Naon < /koh* Apart from 

the experimental evidence, Bronsted was also able to show on thermo- 
dynamic grounds that Lewis and Randall’s principle must fad in more 
concentrated solutions. Consider a mixture of total molarity m con- 
taining mx moles NaCl and m(l — x) moles KCl. Applying the Gibbs- 
Duhem equation ((95) and (130)), we havel| 

mci; (674) 

t A- Dadieu and K. W. F. Kohlrausch, Wien Ber. 138 (1929), 613, 804; see also Ber. 
63 (1930), 251; Z. angew. Chem. 43 (1930), 800; J. Opt. Soc. 21 (1931), 286. A large 
number of investigations of the Raman effect of the CN group have recently been 
published, which agree with Woodward’s results. See N. N. Pal and P. N. Sen-Gupta, 
Ind. J. Phya. 5 (1930), 13; A. Dadieu, Wien. Ber. 139 (1930), 629; P. Krishnamurti, 
Ind. J. Phys. 5 (1930), 651 ; A. Petrikaln and J. Hoehberg, Z. phys. Chem. 8 B (1930), 440. 
The CO -valent CN group always gives a higher value (2,195 cm.~^) than the CN~ ion 
(2,080 cm."^), and only the complex ions give intermediate values. Woodward {Phys. Z. 
32 (1931), 777) has recently investigated HCl, HF, HIO 3 , CCI 3 COOH, CHClgCOOH, 
NaOH, and KOH, and finds no connexion between the electrolytic dissociation and the 
Raman effect. 

J J. N. Bronsted, J. Am. Chem. Soc. 44 (1922), 877 ; 45 (1923), 2898. 

§ See p. 70. 

II 55*51 is the number of moles H 2 O in 1,000 gm. water. 
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By the definition of O, this beoomesf 

^Kci = -KT’log {a-^aci) = RT\og{m.m{l—x)f%^ai} 'j 
^NaCl = BT\og{aj^^aQi) RTlog{m.mxf%^c)}, 1 (675) 

55'51$h,o = —^RTmg J 

introducing the osmotic coefficient g as defined hy Bjerrum in (83). 

Since dlog(l— a:) — — dloga; = — , 

X — UJ CC 

(674) becomes xd\ogfj^^y-\-{\—x)d\ogf-s,a. = dg (676) 

or a3dlog/Na,+ (l— a:)dlog/K+«^log/ci= 2^9-. (676') 

Hence if/Naoi constant for a given total molarity, (676) 

shotvs that the osmotic coefficient g must also be constant. Thus on 
changing gradually from a solution of NaCl (containing very little KOI) 
to a solution of KCl (containing very little NaCl), no change in freezing- 
point should be observed. This is quite at variance with the experi- 
mental facts and hence it must be concluded that /^aci are 

not constant for a given total concentration. The same conclusion holds 
good for any mixture of electrolytes of the same type at constant total 
concentration. Bronsted’s principle of the specific interaction of ions 
makes it possible to account for these facts. 

Bronsted begins by assuming that, for a constant total molarity, 
log/ varies linearly with the ratio NaCl/KCl i.e. 


dlogfj^a = = «^log/Naa- {677) 

A linear change of this kind was found by Giintelbergf for 0-1 N. solu- 
tions, and by Hamed§ for more concentrated solutions. Equation (677) 
gives for the difference of the osmotic coefficients of the two pure 

solutions //.rro\ 

-feci == -«• • (678) 


Giintelberg found for 0*1 N. mixtures 

S'Naci = 0*0097, (678') 

in agreement with measurements of osmotic coefficients. Equation (678) 
follows directly from (676) and (677) by integrating between x = 0 and 
X = 1. Similarly, Giintelberg’s results for the variation of the activity 


t The third equatio^ of (675) is obtained as follows. From (180) B == gvRTin, and 
from (95) i?Tlogao = <1 )h 20. Thus on multiplying (177') by 55-51, we obtain 

65-51 Oh^o = -vRTmg, 

and since for the present case v = 2, this leads directly to the equation above. 
t E. Giintelberg, .2^. phya. Ohem. 123 (1926), 199. 

§ Harned, J. Am. Chem. >Soc. 48 (1926), 326. 
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coefficient of HCl in mixtures with KCl give for the difference between 
the osmotic coefficients of the two pure solutions 

feci“"^HCi = '~0'0194, (670) 

while very accurate osmotic measurements by Adamsf for KCl and by 
VanselowJ for HCl give the value --0-0195±0*0005, in excellent 
agreement. 

Returning to equation (677), integration gives 

l^g/xGi = const. (680) 

For pure KCl solution, x = 0, and hence, 

log/Kci — log/Eci = —“a:, (681) 

where/ KCl is activity coefficient of KCl in its pure solution. In pure 
NaCl solution, x = 1, so that we can write 

l<^g/KCl(NaCl)— log/NaCKRCl) = = ^NaCl~fecX* (682) 

The above hypothesis of the linear variation of the logarithms of the 
activity coefficients (and the osmotic coefficients) at constant total 
molarity is not, however, generally valid. If it were so, the ratio of the 
activity coefficients of a sparingly soluble salt in two salt solutions 
should be independent of the nature of the sparingly soluble salt, since 
the derivation of (682) is quite independent of the nature of the electro- 
lytes concerned (e.g. whether or not they contain a common ion). Thus 
for KCl and NaNOg we should have 

log/NaN03(K;Cl)““l<^g/(NaN03)(NaN03) == ^KCl^S'NaNOa (682') 

and similarly 

l^g/NaNO3(LiCl)~log/j^aN03(NaN03) “ S^LiCl—fi^NaNOs (682") 

and hence by subtraction 

^Og/NaN03(KCl)~log/;f^aN03(LiCl) = 9^KCl“~0^LiCl- (683) 

In equation (683) the right-hand side is quite independent of the nature 
of KaKOg, which can be replaced by any salt of the same ionic type. 
Bronsted found from his solubility measurements that the experi- 
mental results did not support an hypothesis of such wide generality. 
Measurements with KCl and NaCl give 

logic /(NaCl)"~'l^glo/(KCl) " 0*0045, 
and we should thus always have 

= 1*01, (684) 

/(KCl) 

t J. H. Adams, J. Am. Chem. Soc. 37 (1915), 481. 
t M. Randall and A. P. Vanselow, J. Am. Chem. Soc. 46 (1924), 2418. 
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where e.g. /(Naci) is the activity coefficient of any sparingly soluble salt 
of the same valency type. Tor another chloride, oxalatotetrammine 
cobaltic chloride, Bronsted found the same ratio 1*01, although the 
complex cobalt ion is very different from the sodium ion. Diohloro^ 
tetrammine cobaltic iodate, on the other hand, gave the value 1-005, and 
tetranitrodiammine cobaltiate 1*033. These facts are accounted for by 
the principle of specific interaction, which predicts that /NaciZ/kci will 
have one constant value for all chlorides, but a different constant value 
for all nitrates. It also predicts many other properties in mixtures of 
salts of the same ionic type. 

Brdnsted’s original formulation of the principle of specific interaction 
was based upon the conception of individual ionic activity coefficients. 
It has since been realized that no physical significance can be attached 
to the activities of individual ions, and Guggenheimf has recently shown 
that it is possible to derive the specific interaction principle on much 
simpler assumptions than those originally employed by Bronsted, 
Guggenheim’s derivation is as follows. 

The mutual potential energy between any two ions a and ^ in the 
solution can be expressed as the sum of two parts, i.e. 

(685) 

where is due to the Coulomb forces, and to the short range 
forces which lead to the individual behaviour of the different ions. In 
the same way, the contribution of the interionic forces to the free 
energy of the solution can be written 

( 686 ) 

where again Ff^ refers to the Coulomb forces and F^^^ to the short range 
forces. It can be easily shown J that for short range forces can be 
written in the form ^ 

-^in ~ f7 (687) 

where and np are the numbers of a and p ions present in volume F, 
and is a constant for each pair of ionic species in a given medium at 
a given temperature. Bronsted’ s assumption is essentially that e^^p is 
zero when a and j8 have like charges, but is finite for oppositely charged 
ions. The reason for this assumption is that oppositely charged ions 
will tend to approach one another so closely that short range forces 
will come into play, while ions of like charges will rarely come closely 


t E. A. Guggenheim, 18th Scandinavian Naturalist Congress (Copenhagen 1929). 
X See e.g, R. H. Fowler, Statistical Mechanics, Chapter 8. 
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together, and hence interact in the same way as two point charges. We 
thus have ^ 

•^in “ 'y '^k'^a^ka> (688) 

k, a 

where h is any cation and a any anion. 

To relate this expression to the mean activity coefficient of any salt 
A+B~, we note that 

= + ( 589 , 

where is the contribution of the interionic forces to the total free 
energy of the system. Hence from (686), (688), and (689), 


where 



(690) 

(691) 


is governed only by the Coulomb forces, and hence is independent of 
the nature of A and B. Writing nJV = Xc^m, where m is the total salt 
concentration, and e^^j2BT = (690) becomes 


logLs == log/o+ 2 a;^ m+ 2 a;^ m. (692) 

a k 


Equation (692) leads to all the results which are obtainable from the 
principles of specific interaction and linear variation. We may note 
first that for a single salt AB (692) becomes 

^ogfAB(AB) = log/o+2A^^ m, (693) 

i.e. the A’s in (692) can be obtained from measurements of the activity 
coefficients of the salts present singly. If we now have one salt AB 
present in small amount in a solution of X Y, (693) gives 

^^^fABixY) ~ i^A (694) 

from which it immediately follows that 

fABiXY) =fxYUB)- (695) 

By applying (694) to two solute salts AB and A'B having the common 
anion B, both present in small amount in XF of constant concentration, 

we have ^ 

logJ/Min = (A^ir-A^.^)m, (696) 

Ja'b(xy) 

i.e. the ratio of the activity coefficients oi A B and A'B present in small 

3595.7 
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quantity in a solution of Z F is independent of X and also of B. 
example, 

/AgCKKNOa) /AgOKNaNO,) ^ /AgBHNaNO,) 

/TlCl(NaNOa) /riBrCNaN O3) 

Similarly, for a single solute salt AB present in small amount in two 
solvent salts XT and X'Y with a common anion F, 


(697) 

i.e. the ratio of the activity coefficients of in XF and X'Y is 
independent of the common anion F of the solvent and also of the cation 
A of the solute. Thus for example 

/AgrCKKNOa) _ /riOKKNOa) _ /HCKKNOa) _ AgCKKCl) _ /AgCUKClO*) 
/AgCKNaNOa) /riCKNaNOa) /nCKNaNOs) /AgCKNaGlOa) 

All these conclusions have been amply verified by Bronsted by means 
of solubility measurements. La Mer and his collaboratorsf have tested 
the specific interaction principle for sparingly soluble salts of the 
valency types 3-1 and 3-3 in presence of 0*1 N. solutions of salts of the 
types 1-1, 1-2, 2-1, 2-2, and 3-1. They found that the principle applies 
also to these salts of higher valencies, provided that the ratio of the 
ionic strengths of the solvent salts remains constant, the common ion 
of the solvent salts being changed at constant equivalent concentration. 
Recent investigations by Friedman and La Mer J appear to show that 
Bronsted’ s principle does not hold so well for an electrolyte such as 
CdClg which has a strong tendency to complex formation. 

The specific interaction principle is also able to account for the limited 
validity of the principle of linear variation of osmotic coefficients. It 
can be easily shown§ that the linear variation principle only holds for 
two salts having a common ion. In the general case, the o>smotic coeffi- 
cient is a quadratic fimction of x. 

*]• V. K. La Mer and R. Q. Cook, J. Am. Ghem. /Soc. 51 (1929), 2622 ; La Mer and F. H. 
Goldman, ibid. 51 (1929), 2632. 

X H. B. Friedman and V. K. La Mer, J. Am. Chem. Sac. 53 ( 1 93 1 ), 1 93. 

§ See E. Giintelberg, Z. phys. Chem. 123 (1926), 199. 
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THE STATISTICAL FOUNDATIONS OF DEBYE’S THEORY 

59. General Statistical Considerations 
The formal treatment of the statistics of any solution can be most con- 
veniently presented by the partition function method of Fowler.f Con- 
sider a system of total volume V containing particles of the sort a, 
of the sort etc. Let the coordinates of the a particles be 
where r can have the values and let U be the total potential 

energy as a function of the configuration of aU the particles in the 
phase space. U is considered to be independent of the velocities of the 
particles and the kinetic energy need not be considered. The partition 
function is then defined by 

B{T) = J - J n if {dx^dy^dz^\..., (698) 

•' (V) •' »-=i >-=1 

where the integration extends over the whole of the configuration space, 
i.e. over all possible arrangements of the particles in the volume 7. 
Making the abbreviation 

iVk 

n {dx^dy^ dz ^\ XT % dz ^)^. . . = IJ (699) 

r=l r—i III ^ 

(698) becomes B{T) = J ... J JJ (700) 

<V) ^ 

It can be shownf that the partition function B{T) and the free energy 
F of the solution are related by the equation 

J?’ = ~&riogj?(T). (701) 

Provided B{T) can be evaluated, it is thus possible to calculate e,g. 
the equation of state of a gas or the osmotic pressure of a solution. 

For dilute gaseous systems and short-range forces, (700) is easily 
evaluated as a convergent series.§ For more concentrated gases, liquids, 
or long-range forces, the evaluation of B{T) offers considerable diffi- 
culties. Guggenheim || has treated the case of perfect and dilute solu- 
tions, but the more general problems of imperfect solutions have not 
yet been attacked. 

t R. H. Fowler, Statistical Mccliayiics, Cambridge, 1929. 

J For a very simple derivation of (701), see P. Debye, Polar Molecules^ chapter VI. 

§ See R. H. Fowler, Statistical Mechanics, chapter VIII. 

II E. A. Guggenheim, Proa. Roy. Soc. 135 (1932), 181. Guggenheim has pointed out 
that the derivation given by Fowler (loc. cit., chapter XIII) is erroneous. 
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In the case of an electrolyte solution, the most important contribu- 
tion to U is due to the long-range Coulomb forces, and B{T) can no 
longer be evaluated as a convergent series. The two chief contributions 
to the problem have been made by Fowler and by Kramers. Fowlerf 
has attempted to investigate the conditions under which the employ- 
ment of Poisson’s equation is a valid substitute for a strict statistical 
treatment, and has come to the conclusion that this is only so in solu- 
tions so dilute that the limiting law holds. OnsagerJ has, however, 
recently shown that Fowler’s method needs modification, and we shall 
therefore give no account of his treatment here. Kramers ’s theory is 
described in the next section. 


60. Kramers’s Theory 


Kramers§ has attempted to obtain an exact solution of (700) in the case 
of electrolytes. The usual method of expanding as a series and 

retaining only the first term is not applicable here. When the ionic 
radii are very small the terms of this series become very large, though 
it may be easily shown || that for sufficiently small concentrations the 
partition function (700) must approach a function which is independent 
of the ionic radii. If the ionic radii are put equal to zero, then (700) 
becomes divergent. Kramers solves these difficulties in two ways, as 
follows: 

(1) If we assume that the ionic radii are finite, all configurations of 
the ions may be formally considered as possible provided that we add 
to the energy expression 


(702) 


{7 = _L Y 

a function which becomes infinite when the centres of the ions k and 
I approach more closely than 

(2) By means of a less physical treatment, Kramers modifies the 
energy expression (702) so that the integral representing the mean 
value for all configurations is no longer divergent, but the energy is 
still a homogeneous function of degree — 1 . 

We shall not reproduce here Kramers’s somewhat involved calcula- 
tions, but shall confine ourselves to the results obtained. Kramers 
shows that below a certain maximum concentration there exists a stable 


t R. H. Fowler, Proz. Camh. Phil Soc. 22 (1925), 861; Trayis. Farad. Soc. 23 (1927), 
434. 

X L. Onsager, Ghent. Rev., August 1933. 

§ H. A. Kramers, Proc. Amsterdam, 30 (1927), 145. 

|] See N. Bjerrum, Copenhagen Acad. Math. fys. Medd. 7, 9 . 
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statistical distribution which is independent of the ionic radii. This 
maximum concentration is about 0-03 N. for 1-1-valent electrolytes in 
water. The change in the free energy of the solution due to the inter- 
ionic forces, which Debye’s theory gives as 

is given by Kramers’s theory as 



where 


\NkTloga>{x), 



(703) 

!■ (704) 


The osmotic coefficient g is then given by 


(705) 

and the activity coefficient of an i ion by 

“ ^JTToTu’ (706) 

It is easily seen that in the limit for very dilute solutions, all these 
expressions are equivalent to the Debye limiting laws. They are, 
however, only valid under a certain maximum concentration which is 
about 0-03lSr. for 1-1-valent electrolytes in water, and about 0-0075N. 
for 2-2-valent electrolytes. For ions of small radius it is only legitimate 
to speak of an atmosphere of free ions below this limiting concentration. 

Fig. 104 shows the course of the osmotic coefficient according to 
Debye’s limiting formula (262) and Kramers’s more rigid formula (705). 
Beference to experimental values of g (cf . p. 255) shows that Kramers’s 
formula (like Debye’s) is quite unable to explain the individualities 
observed in the osmotic coefficients. Kramers’s results bear an interest- 
ing formal analogy to Heisenberg’s treatment of ferromagnetism.f The 
critical point corresponding to oc^n = 21 jn is in many ways analogous 
to the Curie point which occurs in Heisenberg’s theory. Above the 
Curie point the magnetic moment depends in a fairly simple manner 
upon the magnetic field-strength, and the Curie constant is related 
simply to the exchange integral. Below the Curie point, on the other 
hand, matters are very complicated: it becomes impossible to evaluate 
the partition function, and spontaneous magnetization sets in. The 

t W. Heisenberg, Z.f, Phys. 49 (1928), 619. 
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state of affairs is very similar for electrolyte solutions. Kramers ’s 
method does not enable us to calculate the partition function above the 
critical concentration, since in the first place the random distribution of 
the ions makes the problem much more complicated than that of a 
magnetic crystal, and in the second place the partition function will not 
lead to any satisfactory result without the introduction of a finite ionic 
radius, which would add enormously to the mathematical difficulties. 
It appears probable that for concentrations only a little smaller than 
the critical concentration the introduction of a finite ionic radius would 





Fig. 104. Theoretical curves for the osmotic coefficient of 1-1-valent salts in 

water at 0*^. 

introduce considerable modifications into Kramcrs’s results, while for 
concentrations below ycrit/^ effect would probably be to 

introduce a small term proportional to the concentration and depending 
on the radii, just as in the theory of Debye and Huckel. Above the 
critical concentration we must always allow for a pseudo -association of 
the ions, as pictured by Bjerrum. It is probably possible to develop 
a satisfactory theory by combining Bjerrum ’s ideas with those of 
Kramers. This aspect of the question presents a number of problems 
of great importance but considerable mathematical difficulty. 

The statistical method of Kramers is undoubtedly more exact than 
the treatment of Gronwall, Sandved, and La Mer, although the latter 
theory has met with more success from an empirical point of view. 
ICramers’s treatment has unfortunately not yet been extended to the 
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case of finite ionic radii: such an extension would make it possible to 
judge the validity of the approximations of Gronwall, Sandved, and 
La Mer. By employing statistical mechanics, a knowledge of the exact 
law of force between the ions would make it possible in principle to 
evolve a theory of more concentrated solutions. The difficulties men- 
tioned above in connexion with the convergence of the expressions 
obtained would automatically disappear in this case. The development 
of such a theory must be considered as one of the most interesting pro- 
blems for future investigation. 

APPEISTDIX I 

Note on the dissociation field-effect (p* 242) 

Fig. 105 shows the experimental results of Schiele (loc, cit., p. 240) for two 
weak acids in water compared with Onsager’s theory, the relative increase in 



conductivity being plotted against the field- strength. The initial course of 
the curve is due to the action of the ionic atmosphere. Onsagerf has recently 
published a discussion of the results of Schiele for water, of Bauer for acetone, J 
of Poole and Schiller for solid electrolytes, § of Gemant for benzene, || and of 
a number of authors for transformer oil. 

Note on the quantitative treatment of the Wien effect (p. 237). 

According to a private communication from Professor Onsager, the 
derivation of Joos and Blumentritt (see p. 237) is in error, and their result is 
only correct as regards the order of magnitude. 

t L. Onsager, J. Chem. Phys. 1934 (in the press). 

J Bauer, loc. cit., p. 238. 

§ H. H. Poole, Phil. Mag. 32 (1916), 112; 34 (1917), 204; 42 (1921), 488. H. Schiller, 
Ann. d. Physik 81 (1926), 32. 

[[ Gemant, Plektrophysih der Isolierstoffe, p. 78 (Berlin 1930). 



APPENDIX II 


Recent applications of quantum mechanics to the theory of 

electrolytes 

By R. H. PowLEB 


The specific molecular or electronic processes occurring in a solution of 
an electrolyte have in general hitherto proved too complicated to admit 
of discussion by the application of quantum mechanics to precise models 
in any exact manner. Naturally enough, the processes concerned being 
molecular, one is confident that quantum -mechanical theories must 
apply, but it has not appeared hitherto that they would apply so as to 
yield results in any way significantly different from the results of 
classical mechanical theories applied to the same or similar models. 
Recently, however, since the appearance of the German edition of this 
book, some work by Gurneyf has made a start in showing that the 
general principles of quantum mechanics can be applied in a significant 
and important way, at least to the discussion of various processes that 
must occur at the electrodes of an electrolytic solution. 

The considerations brought forward by Gurney have perhaps hardly 
yet been sufficiently discussed and criticized for us to estimate con- 
fidently their importance, and we shall therefore not give a full account 
of them here. But his quantum-mechanical discussion of overvoltage, 
in particular of the current-voltage relationship (especially for small 
currents) during the electrolysis of water from a dilute acid using inert 
electrodes, should not be passed over. The discussion is simple and 
successful, and is an excellent example of the way in which we may 
be able in future to use the general principles of quantum mechanics 
in an elementary way in order to interpret a complex phenomenon. 

In any phenomenon in which a current flows from a metal electrode 
to an electrolyte and back again, no matter what the detailed mechanism 
of conversion at the electrode, such a current is carried in the metal by 
electrons and in the electrolyte by positive and negative ions. Electrons 
must, therefore, be continually emerging from a cathode into the solu- 
tion and neutralizing positive ions in the layer next to the surface in 
order that the observed current may flow. In the same way, at an anode 

t B. W. Gurney, Proc, Roy. JSoc. A, 134 (1931), 137; 136 (1932), 378. See also 
J. H. Wolfenden, Ann. Rep. Che)n. Soc. (1932), 34. 
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electrons are being continually delivered up to the anode by negative 
ions in order that current may flow^ the ions being thereby neutralized. 
It is the essential point of Gurney’s theory to examine the conditions, 
suggested by quantum mechanics, under which such processes can occur 
on an electrode surface at the proper rate. 

The ex'perimenial data on overvoltage. 

The most valuable data for our purpose are those of Bowden and his 
coUaboratorsf on the overvoltage of hydrogen and oxygen at different 
inert electrodes. As is well known, the overvoltage was found to vary 
very much with the chemical composition and the physical state of 
the electrode, and also depended upon whether hydrogen or oxygen 
was being discharged. More interesting from our point of view is the 
variation of the overvoltage with the current density and with the tem- 
perature. Bowden found that, for any one electrode, if the logarithm 
of the current density log i is plotted against the overvoltage F, straight 
lines are obtained over the range of current densities measured (lO”’- 
10“® amps per sq. cm.). The slopes of the straight lines obtained are 
the same for all the electrodes studied, and are independent of whether 
the electrode is used as anode or cathode. The results may be expressed 
by the equation 


where a is a constant independent of the nature of the electrode. 

When the electrode remains the same and the temperature is altered, 
Bowden obtained results which may be represented by the following 




( 2 ) 


where ^ decreases sUghtly with decreasing F, but has the value 0- 05-0- 06 
for all electrodes studied in the range 14-80® C. 

Any theory of overvoltage must thus reproduce correctly the inter- 
dependence of overvoltage, current density, and temperature, as ex- 
pressed in the above two equations. 


The behaviour of an ion near a metal. 

We start by considering the behaviour of a free atom or free positive 
or negative ion near a metal surface in vacuo. If the ionization energy 
I of the atom or ion is less than work function of the metal, the 

t F. P. Bowden and E- K. Rideal, Proc. Roy. Soc. 120 A (1928), 59; Bowden, ibid. 
125 (1929), 446; 126 (1929), 107; Bowden and O’Connor, ibid. 128 (1930), 317. 

3595.7 X X 
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electron can and will make a transition to an empty level in the metal 
WThen the ion is still some way away from the surface, a distance per- 
haps of the order of lO-"^ cm. At such distances, transitions take place 
quite readily through the potential barrier, by what is commonly called 
the quantum-mechanical tunnel effect.f Atoms or negative ions for 
which I < X cannot exist permanently as such near a metal at ordinary 
temperatures, for there are very few metallic electrons above the level 
(of depth X below free space) at which Sommerfeld’s set of occupied 
free electron levels ends, and only such electrons can jump back to the 
ion. If, however, 1 > x positive ion cannot exist as such near the 
metal but will be neutralized while still some distance away from 
the surface. It cannot lose its electron again since the metallic levels at 
this height are normally full. Thus when 1 '> x ^^7 iieutral or nega- 
tive ions, and when I < x ^^7 positive ions, survive near the metal. 

The situation is slightly different for ions in solution, since any posi- 
tive or negative ion in solution has lost energy by interaction with the 
water molecules compared with its state in free space (hydration). This 
loss of energy is comparable to the work functions and ionization 
potentials themselves. This last energy W must be replaced as the ion 
is neutralized, when its energy becomes comparatively imaffected by 
being in solution. The condition for the survival of a positive ion in 
solution is that there are no suitable metallic electrons of the energy 
required to neutralize it, i.e. none of an energy greater by W than the 
energy required to neutralize a free ion, i.e. none of an energy /— Tf 
below the standard zero. This condition will be written 

The condition for the survival of a negative ion is that the level to which 
the ion wants to jump shall be full. The electron must take with itself 
the energy of a level I+W below the standard zero. Hence survival is 
possible if — 

The conditions > < x 

are the conditions that electron transfers shall be possible to discharge 
positive and negative ions respectively, so that current can flow. 

The effect of interface potentials. 

The foregoing paragraph refers to a standard state in which electrical 
double layers are absent (or have some standard value). When, however, 

t See e.g. Condon and Morse, Quantum Mechanics^ chapter VII; Frenkel, Wave 
Mechanics^ vol. i, p. 111. 
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the electrode is an anode, so that the positive current must flow from 
the electrode into the solution and negative ions are being neutralized 
at the surface, we shall expect to have a double layer set up (metal 

-| solution) which will assist the current by assisting the discharge of 

the negative ions by depressing the metallic electron levels relative to 
those of the solution. The condition for continued neutralization is 
then 

Similarly when the electrode is a cathode and positive ions are being 

neutralized we shall have a double layer (metal [-solution) set up 

assisting neutralization, so that the condition for continued neutraliza- 
tion becomes ztt ^ rr 

T^, are the interface potentials at the anode and cathode respectively. 
If either an anode or a cathode is left to adjust itself to equilibrium with 
the ions in the solution, then it will do so as follows. The ions will be 
held close to the surface by image forces and, provided the supply is 
not hmited, will accumulate untU. they build up such a double layer 
that neutralization is just possible. The electrode in such a state is 
reversible, and for the ideally simple cases discussed so far here the 
conditions are -^+ ~ respectively. But the 

reversible electrode can only pass an infinitesimally small current, and 
in order to pass significant currents we must have the foregoing in- 
equahties. These give the so-called overvoltages, and the important 
point to grasp is that these overvoltages are primary and essential to 
the passage of appreciable currents — ^they are not in any way due to 
secondary effects such as the need to overcome the resistance of ob- 
structive layers of gas, as has often been argued. 

A simple general argument shows that electrolysis cannot proceed 
without building up these interface potentials to some degree; for to 
proceed with == 1^ = 0 we must have Ej^ > x < X 

ideally in the Hmit E+ = X “ therefore E^ ^ But this 

is impossible in an electrolyte, which by hypothesis is a solution in which 
the state of ionization plus hydration is of lower energy than that of 
neutralization, i.e. I+— / —W^—W^ < 0 

E+ < E^. 

When an electrically neutral surface is immersed in the electrolyte 
both positive and negative ions are attracted to the metal by image 
forces, so that the surface concentration of ions of both signs is greater 
than in the bulk of the solution. But if the metal is made positive with 
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respect to the solution, negative ions are more strongly held than posi- 
tive ones, and their concentration increases at the expense of the 
positives. This double layer accommodates the applied potential differ- 
ence between the metal and the solution, which is thus confined to 

a surface double layer metal H solution, assisting the neutralization of 

negative ions. Bowden’s measurements show that the total transient 
current required to build up an overvoltage of one volt is about equal 
to the charge required to establish this potential difference between the 
plates of a condenser whose area is that of the electrode, whose separa- 
tion is about 2 x cm. and whose dielectric constant is unity.f The 

excess number of ions required is of the order of 3 X 10^^ per sq. cm. and 
the total number in the surface layer may well be 10^®, so that the rela- 
tive change is small. There is little doubt that these extra interface 
potentials are present, being superposed on those necessary for the re- 
versible state, and are built up by the accumulation of ions until the 
conditions are adjusted to carry the proper steady current. 

Themy of the current-voltage relatiomhip. 

We can now see how the theory leads at once to a current-voltage rela- 
tionship of roughly the right type. We consider throughout only the 
current to a single electrode, whose potential relative to the solution 
is fixed by measurement relative to the potential of an undisturbed 
electrode in another part of the solution carrying no current. Current 
can only flow when the electrode is a cathode (positive current solution 

electrode) if ^ 

or when an anode if < 

If we start applying a voltage making the electrode a cathode say when 
the electrode is in a state different from that of the reversible cathode, 
then at first no current will flow in the electrode. As soon, however, as 
the voltage exceeds {x~^+)h current can immediately jump to 
a large value. But this is just what we require, when we remember that 
our formulation has so far ignored all temperature distributions over 
a range of energy levels, taking all energy levels or limits as ideally 
sharp, as they would be at absolute zero.J 

t Though water has a dielectric constant of 80 in bulk, the water dipoles will be 
fully orientated by the ions, and a dielectric saturation will set in, so that the constant 
will have far less than its bulk value. 

X If for a moment we cease to concentrate on a single electrode and consider the cell 
as a whole, this point can be made yet clearer. The voltage applied to the cell is F^-f- 1^ • 
Current can only flow if cF*, < i.e. if eF > Once 

this condition is satisfied we get a sudden increase of current. 
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Actually the hydrated ions instead of lying in a sharp energy level or 
sharply bounded hand, will be distributed over a wide band of energies 
almost continuously, and the distribution must be given approximately 
by Boltzmann’s law. The spread lies in the hydration energy W, Thus 
if dE is the number of positive ions with neutralization energy 

between E and E~\~dE, 

N4E) = {E> 

= 0 {E < Et), 

where TFf is the (negative) energy of the ground state of the hydrated 
ions. Similarly, 

N^{E) = N~dE-B~)ikT ^e<E^ = Z.+TTo") 

= 0 {E> Eo). 

Strictly there may be weight factors multiplying the exponential factors 
by some simple polynomial in E, but this complication is not of much 
importance at present. 

In the same way, the metallic electron levels are not aU full below Xp 
nor all vacant above. The Sommerfeld distribution law gives accurately 
enough for the present purpose that the number of electrons n{w)dw 
having kinetic energy between w and w+dw is 

7i(w) = (w ^ w*) 

— — (w w?*). 

The region ^ ~ in which these formulae do not hold is not important 
here. The level of kinetic energy w* corresponds to a total negative 
energy x when there is no interface potential, or when 

there is one. More expHcitly, we can write for the distribution law for 
electrons of given total (negative) energy E, neglecting the unimportant 
weight factor 

n{E, x-^Vc) -= Ae^^-x^^^c)!kT 

= A{1— e'-<^-x+€F.)/fcrj > X—el^)- 

Similarly, the distribution of empty electron levels in the anode can be 
written 

v{E, x+eVJ = < x+eVJ 

= {E > x+el^)- 

In order tliat appreciable current shall flow at a cathode, it is necessary 
that N+(E) and n{E, x— elc) sliould 3,n appreciable overlap. At 

ordinary temperatures N^{E) and ti{E, x — I'® small values 



342 APPENDIX 

within a tenth of a volt of and respectively, but while 

diminishes exponentially as E increases, n increases by the same factor 
until E reaches when further increase stops. Thus if P(E) is 

the probability of a jump per unit time by an electron of energy E from 
the metal to a positive ion (strictly speaking P[E) must be averaged 
for all distances), we can express the current i which flows at a cathode 
in the form 

i,= j n(E,x-eVM£;)P{E)dE. 

The conditions for an anode are similar. We require an appreciable 
overlap of v{E,x+^^a) N{E), and the current at an anode can be 

expressed in the form 

^a= J v{E,x+dV^)N4E)P'{E)dE. 

These integrals are easy to evaluate approximately, and give 


log^c 


Et-x+^yp 

kT 


log^a 


X~E^ -^eVg 
kT 


(3) 


By differentiating equation (3) with respect to V and T, we at once 
obtain equations (1) and (2), which were found experimentally, i.e. 
the theory gives equations of the right form. Numerically, the agree- 
ment is good, but not quite perfect. Thus the value of the constant 
a in equation (1) is found experimentally to be about €/2i, instead of 
e/ifc as required by the theory. Further, j8 in equation (2) is found 
experimentally to have a value of 0*05-0*06, whUe if we give the 
numerator in (3) the reasonable value of one electron volt, the value 
O'll is obtained. 

It appears, however, that complete numerical agreement may be 
attained by taking into account one theoretical point hitherto over- 
looked, namely the Franck-Condon principle.f In order to neutralize 
a positive or negative hydrated ion by supplying an electron we may 
not be and in general are not able to dissociate it into a water molecule 
and neutral atom at rest, but only into a water molecule and a neutral 
atom with a definite amount of surplus energy determined roughly at 
least by the principle that the transition takes place between states of 
equal separation of the atomic nuclei. The negative energies Yf of the 
hydrated ion govern the Boltzmann distribution laws EJ(E) and l^AE) 


t See e.g. Condon and Morse, Qtuxntum Mechanics, § 53. 
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as before, but the energies that have to be supplied or removed by the 
electron are greater than these .B’s. Over the important range of energies 
we may suppose that the distribution law energies are a fraction 1/y of 
the energies to be supplied, where it is necessary that y > 1. 

It is not necessary to go into details. The effect is easily shown to 
add a factor y to the denominators in equation (3), and there is no 
reason to believe that this factor may not have the value 2, which 
would at once give complete agreement between the theory and Bow- 
den’s results. 



TABLE OF THE MOST IMPORTANT SYMBOLS 


A 

work in general. 

a 

actmty in general. (In Chapter XI also ionic diameter.) 


activity of the species A. 


mean ionic activity. 

D 

lO”*^® e.s.u. (1 Debye). 

D 

dielectric constant of the solution. 


dielectric constant of the solution at frequency w. 

Bo 

dielectric constant of the solvent. 

d 

density of the solution. 

d'A 

iafeiitesiinal amount of work done upon the system. 

d'Q 

infinitesimal amount of heat absorbed by the system. 

E 

electric field strength. 

E ' 

electromotive force of a cell. 

H 

electric charge of an ion of the ith sort. 


value of the Faraday, 

F 

free energy in general. 

fx.su ot St 

activity coefficient of the species A, related by the equation 

fa 

activity coefficient of the solvent. 

fx - A/Aoo 

conductivity coefficient. 


molecular weight of the solvent. 

Gb 

molecular weight of the electrolyte. 

Ox 

molecular weight of the species A. 

9 

osmotic coefficient. 

i 

van’t Hoff factor. 

J = 

ionic strength. 


ionic strength. 

K 

mass law equilibrium constant, equation (42). 

Ka 

equilibrium constant of the generalized law of mass action, 
equation (117). 

h = 1-37x10- 

"1® ergs per degree, Boltzmann’s constant. 

L 

heat of dilution in general. 

L 

molar heat of dilution. 

{L) 

solubility. 

k 

ionic mobility at infinite dilution. 

Mx 

number of moles of the species A. 

m 

molarity, i.e. moles of solute per 1,000 g. solvent. 


molarity of the species A. 

N = 6-06 X 10^® LoscLmidt ’s number per mole. 

N, 

number of particles of the species A. 

N, 

number of molecules of the solvent. 

n 

number of particles per c.c. 


number of ions of the ith sort per c.c. 

P 

osmotic pressure of a real solution. 
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TABLE OF SYMBOLS 
osmotic pressure of the ideal dilute solution, 
solubility product, 
pressure in general, 
quantity of heat in general, 
quantity defined by equation (232). 

== 8*31 X 10’ ergs per degree, tmiversal gas constant, 
entropy in general, 
absolute temperature, 
energy in general. 

electrical energy of an electrolyte solution, 
volume. 

molar dilution, i.e. number of litres which contain one mole of 
electrolyte. 

molar volume of the solvent. 

electrical work of charging and discharging the ions (also 
termed 

valency of the ion i. 

electrochemical valency. 

degree of dissociation according to Arrhenius. 

true degree of dissociation. 

2*7 ionic concentration. 

concentration of electrolyte in moles per litre of solution, 
concentration of electrolyte in equivalents per litre of solution, 
molar concentration of the species i, 

)g freezing-point depression in an ideal dilute solution. 

)g = freezing-point depression in a real solution. 

quantity characterizing the Wien effect. 

4-77 X 10“^® e.s.u. electric charge of an electron, 
viscosity of the solution, 
mole fraction of the species A in the phase cr. 
mol© fraction of the solvent ; viscosity of the solvent, 
time of relaxation of the ionic atmosphere. 

characteristic quantity in Debye's theory. l//c = thickness of the 
ionic atmosphere. 

molar conductivity in ohms“^ per sq. cm. (with a stationary field), 
equivalent conductivity in ohms'"^ per sq. cm. (with a stationary 
field). 

molar conductivity at the frequency cu. 
specific conductivity in ohms““^ per sq. cm. 
specific conductivity at field strength JE7. 
specific conductivity at zero field strength, 
number of ions formed by the dissociation of one molecule, 
number of positive ions formed by the dissociation of one molecule, 
number of negative ions formed by the dissociation of one molecule, 
number of ions of the ^th sort formed by the dissociation of on© 
molecule. 

chemical potential. 
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n 

pi 

o 

Wj = l/p^- 


TABLE OF SYMBOLS 
electric density. 

frictional coefficient for an i ion. 
thermodynamic potential in general, 
thermodynamic potential of an ideal dilute solution, 
thermodynamic potential of the electrolyte per mole, 
thermodynamic potential of the component per mole, 
electric potential round an ion. 
foequency of an alternating electric field. 
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Absorption spectra of electrolytes, 313-16. 

Acids, definition of, 3. 

Activity, definition of, 43 ; thermodynamics 
of, 45-8; of strong electrolytes, 61-3; 
relation to osmotic pressure, &c., 48; 
determination of — ^fromE.M.F. data, 50, 
58-62; from vapour pressures, 56-8; 
from freezing-points, 62-5. 

Activity coefficients, rational and practical, 
65-6; of strong electrolytes, 61-3; 
empirical laws governing, 70; in mix- 
tures of electrolytes, 68 ; determination 
from solubility measurements, 69, 
126-35; limiting law of, 120-6. 

Anomalies of strong electrolytes, 40-3, 
73-8. 

Association, theories of, 257-80. 

Atmosphere, see Ionic atmosphere. 

Bases, definition of, 3. 

Conductivity, literature on, 91 ; of strong 
electrolytes, 73-91, 163-242 ; of aqueous 
solutions, 193-201 ; of non-aqueous 
solutions, 78-81, 202-9; Onsager’s 

theory of, 192-209 ; variation with field- 
strength, 82-9, 235-9; variation with 
frequency, 90, 182-92; variation with 
pressure and temperature, 200. 

Cycle, Born’s, 7. 

Dielectric constant of electrolytes, depen-: 
dence on frequency, 189-92; measure- 
ment of, 231. 

Diffusion of strong electrolytes,- 169. 

Dilution law, Ostwald’s, 30-4. 

Dispersion of conductivity and dielectric 
consta-nt, 90, 182-92; calculation of, 
211-22; measurement of, 222, 235. 

Dissociation, true degree of, 289-312. 

Dissociation field-efiect, 240. 

Electromotive force measurements, deter- 
mination of activities from, 50, 58-62. 

Electrophoretic effect, 179-82. 

Faraday’s laws, 1. 

Freezing points, determination of activities 
from, 62-5. 

Heat of dilution of strong electrolyties: 
limiting law of, 154-7 ; in more con- 
centrated solutions, 280-9 ; measure- 
ment of, 157-9. 

Hydration of ions, thermochemistry of, 

6 - 10 . 


Ideal solutions, th< 

Ion pairs, Bjerrum’s 

Ion triplets, 263-7. 

Ionic atmosphere, 100 ; thickness of, 105 ; 
time of relaxation of, 107, 176-9. 

Ionic strength, principle of, 70. 

Lattice energies, 7. 

Mass of ions, determination of, 169. 

Mass action, law of, 16-20, 47. 

Neutral salt effects, 152-4. 

Non-aqueous solutions, conductivity of, 
78-81, 202-9; osmotic coefficients of, 
119 ; solubility effects in, 133-5. 

Optical properties of electrolytes, 94, 
312-25. 

Osmotic coefficients, definition of, 39 ; 
limiting law for, 116-20 ; in non-aqueous 
solutions, 119. 

Ostwald’s dilution law, 30-4. 

Overvoltage, 337. 

Quantum mechanics of electrode processes, 
336-43. 

Raman effect of electrolyte solutions, 
322-5. 

Refractive index of electrolyte solutions, 
316-22. 

Salt effects, 136—54. 

Salting-out effect, 138-52. 

Solubility of salts, 34-8, 41-3. 

Solubility effects according to Debye’s 
theory, 126-31. 

Solubility measurements, determination of 
activity coefficients from, 69, 126-35. 

Specific heats of electrolytes, 123. 

Specific interaction, principle of, 325-30. 

Statistical mechanics of electrolyte solu- 
tions, 331-5. 

Supersonic vibrations in electrolytes, 170. 

Thermodynamic potentials, 12. 

Thermodynamics of ideal solutions, 16-24; 
of activities, 45-8. 

Transport numbers, theory of, 209. 

Van ’t Hoff factor, 25. 

Vapour pressures, determination of 
activities from, 56-8. 

Viscosity of strong electrolytes, 243-9. 

Volume, partial molal, of electrolytes, 122. 

Walden’s rule, 78. 

Wien effect, 82-9, 225-39. 
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